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Abstract 
Metal sulfides are exposed to aqueous and oxidizing conditions in coal mines, 
producing sulfuric acid and dissolved metals which drain into waterways as coal-mine 
drainage (CMD).  This metal-rich effluent impairs the ecologic and economic value of 
surface waters; however, current CMD remediation options can be invasive and costly.  
This study characterized how CMDs could change over time based on hydrologic setting 
(above/below-drainage) and assessed controls on metal concentrations and sludge 
stability to better guide treatment decisions. 
The first study evaluated long-term (37 year, 1975-2012) changes in 10 above- 
and 14 below-drainage discharges in the anthracite region of Pennsylvania.  Median Fe 
and SO4
2-
 concentrations decreased by 56% and 33%, respectively, with a median pH 
increase of 0.5 log units for below-drainage discharges, indicating improvement in water 
quality.  Above-drainage discharges exhibited a median pH increase of 1.6 log units, but 
no significant change in Fe or SO4
2-
 concentrations, suggesting above-drainage 
discharges have less potential for improvement compared to below-drainage discharges.   
The second study determined the efficiency of treatment options (aeration, H2O2, 
control) on metals removal from a net alkaline, anoxic CMD.  H2O2 treatment removed 
all Fe and Al, but minimal Zn, while aeration removed all Fe, and ~80% of Zn and Al.  A 
kinetic-adsorption model built in PHREEQC indicated Zn and Al were adsorbed to 
hydrous Fe
III
 oxides (HFO).  The increase in pH and decrease in aqueous Zn-carbonate 
complex formation during CO2 outgassing through aeration enhanced Zn adsorption to 
HFO, while the pH increase favored Al desorption from HFO.   
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In the third study, the control of Fe precipitation rate and water-quality parameters 
on trace-metal removal and sludge stability was assessed for aeration, H2O2, and control 
treatments on CMD.  Changes in metal concentrations and water-quality parameters 
suggested pH and pCO2 were more important factors in trace-metal removal than Fe 
precipitation rate, crystallinity, or sludge density.  Extractions indicated lower 
crystallinity of Fe solids formed during H2O2 treatment compared to aeration and control 
treatments.  Lack of complete dissolution of Zn in easily reducible fractions indicated 
potential for Zn mineral formation or coprecipitation with crystalline Fe
III
 solids in 
addition to Zn adsorption to HFO. 
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Preface 
1 Introduction 
Coal-mine drainage (CMD) is one of the largest environmental problems facing 
the recovery of mining impacted environments.  In Pennsylvania alone, over 5,500 miles 
of river are impacted by drainage from abandoned coal mines (PA DEP, 2014), and 
studies have shown that discharge from mines and mining wastes may continue for 
decades to centuries following abandonment (Younger, 1997; Moncur et al., 2003; 
Gunsinger et al., 2006; Raymond and Oh, 2009).  Through better understanding of 
engineering and management of natural processes, the environmental impact and costs of 
remediation strategies for CMDs may be decreased.  This research studies CMD 
geochemistry and the hydrologic setting (above/below-drainage), focusing on factors that 
decrease Fe, SO4
2-
, and trace-metal concentrations, and increase pH.  The outcomes of 
this research may help prioritize and more effectively design treatment systems to 
improve the success of CMD remediation. 
 
2 Broader Impacts 
CMD commonly originates from the oxidation of reduced metal sulfides (e.g. 
pyrite, FeS2) that are naturally present in rocks.  Coal mining exposes the metal sulfides 
to air, and upon mine closure and subsequent flooding, aqueous conditions.  These 
aqueous and oxidizing conditions oxidize base metal sulfides to create sulfuric acid and 
release metal(loid)s, such as Fe, Mn, Al, Zn, Ni, and As ,which drain into nearby 
waterways (Rose and Cravotta, 1998; Kirby and Cravotta, 2005a, 2005b; Cravotta, 2008).  
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Fe-oxyhydroxides commonly precipitate from mine drainage (Bigham et al., 1996; 
Jonsson et al., 2006) and form the characteristic orange-brown substance coating stream 
bottoms known as “yellow boy”.  This metal-laden and potentially low-pH discharge can 
degrade aquatic environments through chemical, physical, biological, and ecological 
pathways (Earle and Callaghan, 1998; MacCausland and McTammany, 2007).   
The legacy of coal mining poses a burden on communities as a result of the 
prevalence of heavy metals in the waterways.  In addition to ecologic health implications 
through exposure to toxic metals and acidic waters, this burden also includes economic 
concerns such as limiting fishing resources, restricting recreational capabilities, and the 
high costs associated with treatment system implementation (Schuylkill Conservation 
District, 2005; West Branch Susquehanna River Task Force, 2005).  Significant 
environmental damage as a result of CMD is currently impairing streams across the 
United States and in other parts of the world (Thomas, 2013), and similar metals 
contamination can be found at smelting sites, landfills, in emissions and/or deposition 
from industrial processes, and the weathering of pyrite and other metal-sulfide minerals 
exposed through natural processes (Adriano, 2001).  Fe can serve as a removal tool for 
adsorption and treatment of other hazardous ions (Cundy et al., 2008). Understanding the 
geochemical processes that control Fe and other metals in aquatic environments would be 
beneficial to remediation techniques for metal removal worldwide.   
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3 Optimizing CMD Remediation 
3.1 Remediation Techniques 
Remediation options for CMD utilize both biotic and abiotic processes in active 
and passive systems such as microbial remediation, bioreactors, oxic and anoxic 
limestone drains, constructed wetlands and settling pools, and addition of acid-
neutralizing or oxidizing chemicals (Johnson and Hallberg, 2005).  CMD treatment 
systems can use a wide range of processes to increase the pH of acidic discharges and 
remove metals from solution, but the optimal treatment strategy for any particular CMD 
depends on many factors including water chemistry, discharge rate, site characteristics, 
and financial resources to construct and maintain a treatment system.   
 
3.2 Trace-Metal Remediation 
  While dissolved Fe, Mn, and Al tend to be the most abundant metals in CMD, 
trace elements such as Pb, Cu, As, Ni, Zn, Cr, Co, and As can be present in significant 
quantities (Cravotta, 2008) that even at low concentrations can be toxic to aquatic life 
(Smith and Huyck, 1999).  Therefore, consideration of trace-metal removal comprises an 
integral aspect in CMD treatment system design where the concentrations of these 
species are elevated.  Sequential extraction experiments on mine drainage sediments 
indicate the precipitated metals are associated primarily with the exchangeable and 
Fe/Mn oxides fraction (Galan et al., 2003; Jung et al., 2005), indicating increased 
oxygenation aids in the remediation of metals through adsorption and co-precipitation 
with hydrous Fe
III
 and Mn
III-IV
 oxides (HFO and HMO, respectively) (e.g., Dzombak and 
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Morel, 1990; Harvey and Fuller, 1998; Trivedi and Axe, 2001; Lee et al., 2002; Kairies et 
al., 2005; Sparks, 2005; Burgos et al., 2012).  Hydrous Al oxides (HAO) have also been 
identified as a potential adsorption surface for trace metals (Coston et al., 1995; Lee et 
al., 2002; Munk et al., 2002; Karamalidis and Dzombak, 2010).  Therefore, creating 
optimal conditions for the precipitation of Fe, Mn, and Al solid phases, and enhancing the 
potential for trace metals to adsorb to these freshly created surfaces can improve 
treatment system design at sites in which these species pose a threat to the end-use of the 
water. 
 
3.3 Cost Recovery 
While the removal of trace metals from CMDs can be beneficial to the receiving 
waterways, the stability of trace metals adsorbed to and locked in the residual phase of 
solids precipitated from different treatment options has not been well quantified and 
requires careful scrutiny, especially for sites where reuse of the recovered metals shows 
promise.  Previously viewed as cost prohibitive, the recovery and reuse of metal-rich 
sludge produced during CMD treatment may become an attractive option to defray costs 
associated with treatment systems, including reusing sludge produced in CMD treatment 
systems for wastewater, agricultural, and industrial applications (Outwater, 1994; Hedin, 
2003; Sibrell et al., 2009).  Laboratory experiments and field studies have shown that 
treatment methods for acidic mine drainage can have varying effects on the resulting 
solid material.  For example, sludge formed through alkali addition to CMD has been 
found to be less dense and more viscous than sludge collected at passive CMD treatment 
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sites (Dempsey and Jeon, 2001).  CMD sludge formed through alkali addition has also 
been found to contain a greater concentration of trace metals than sludge formed through 
slow biotic processes at low pH (Burgos et al., 2012).  However, a significant portion of 
CMDs in the anthracite and bituminous regions of Pennsylvania are circumneutral and 
net alkaline (Kirby and Cravotta, 2005b; Cravotta, 2008; Burrows et al., 2015).  Thus, 
additional research is needed to determine how the different treatment methods used on 
circumneutral, net alkaline discharges affect solid phase formation and stability.   
 
3.4 Long-Term Functioning 
In addition to treatment system cost and efficiency, the long-term capacity to 
improve the quality of the discharge is also a priority in treatment system(s) design.  
Understanding how these discharges evolve over time can be used to better inform 
watershed restoration plans and CMD treatment decisions.  The hydrologic setting 
(above/below-drainage) of mines may be an important factor to consider in the 
prioritization and design of CMD treatment systems based on the expected change in 
water quality over the long-term.  Above-drainage refers to discharges from a coal seam 
situated above the post-mining water table while below-drainage refers to discharges 
draining coal seams below the water table.  It is hypothesized that below-drainage mines 
receive groundwater inputs with low dissolved O2, resulting in a decrease of pyrite 
oxidation and the gradual improvement of CMD water quality over time.  Above-
drainage mines contain rock surfaces exposed to air, facilitating O2 transport and 
continual pyrite oxidation, alkalinity consumption, and less change in CMD water quality 
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over time.  While previous studies have observed this to be the case at several mine 
discharges in Pennsylvania (Lambert et al., 2004; Demchak et al., 2004), an extended 
study period with numerous sampling sites that evaluates discharge type, Fe and SO4
2-
 
concentrations, pH, dissolved oxygen (DO), and alkalinity is necessary to confirm this 
hypothesis.   
 
4 Research Overview 
The work described here attempts to provide insight to the geochemical factors 
controlling the fate of Fe and trace metals in CMD.  Chapter 1 seeks to characterize the 
long term (37 year) changes in 10 above- and 14 below-drainage discharges to identify 
trends in CMD water quality over time in the anthracite coal region with respect to 
hydrologic setting.  Over the study period (1975-2012), decreases in Fe and SO4
2-
 
concentrations were highly significant and increases in pH were marginally significant 
(H
+
 decreased) for below-drainage discharges, while above-drainage discharges exhibited 
highly significant increases in pH, and no significant change in Fe or SO4
2-
 
concentrations during the 37 years evaluated.  These results are used to discuss how 
treatment for these systems may be designed to accommodate the anticipated changes in 
chemistry and the end-user of the water (e.g. water supply, aquatic life).   
Chapter 2 evaluates the efficiency of different treatment options (aeration, 
chemical oxidation with H2O2, and a control) on the removal of trace metals from a 
typical net alkaline, anoxic discharge in the anthracite coal region in Pennsylvania.  A 
kinetic-adsorption model built in PHREEQC based on field results and the calibrated 
kinetic model by Cravotta (2015) indicates adsorption to HFO was the largest sink for 
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Zn, and pH increase and a decrease in the formation of aqueous Zn-carbonate complexes 
as a result of CO2 degassing during aeration enhanced Zn removal through adsorption to 
HFO.  In contrast, the pH increase during aeration favored Al desorption.  The control 
and H2O2 addition resulted in little change in pH, creating favorable conditions for Al to 
adsorb to HFO, but not affecting dissolved Zn concentrations.  The results indicate that 
pH plays a large role in controlling the trace-metal removal in CMD treatment systems.    
While the experiments in Chapter 2 were run for 5 to 5.5 hours, only the H2O2 
treatment and one of the aeration experiments removed all dissolved Fe, while the control 
and two out of the three aeration experiments did not.  Chapter 3 evaluates the solution 
geochemistry for aeration, H2O2, and control treatments over the course of 6 days to 
allow each batch to fully precipitate all Fe to determine the control of Fe precipitation 
rate and crystallinity, sludge density, and water-quality parameters on Zn and Al 
adsorption.  Single extractions were also conducted to determine concentrations of Zn in 
solid phases, and the stability of Fe and Zn under different chemical conditions.   
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Chapter 1 
Temporal Geochemical Variations in Above- and Below-Drainage  
Coal-Mine Discharge 
Abstract 
Water quality data collected in 2012 for 10 above- and 14 below-drainage coal-
mine discharges (CMDs), classified by mining or excavation method, in the anthracite 
region of Pennsylvania, USA, are compared with data for 1975, 1991, and 1999 to 
evaluate long-term (37 year) changes in pH, SO4
2-
, and Fe concentrations related to 
geochemistry, hydrology, and natural attenuation processes.  We hypothesized that CMD 
quality will improve over time because of diminishing quantities of unweathered pyrite, 
decreased access of O2 to the subsurface after mine closure, decreased rates of acid 
production, and relatively constant influx of alkalinity from groundwater.  Discharges 
from shafts, slopes, and boreholes, which are vertical or steeply sloping excavations, are 
classified as below-drainage; these receive groundwater inputs with low dissolved O2, 
resulting in limited pyrite oxidation, dilution, and gradual improvement of CMD water 
quality.  In contrast, discharges from drifts and tunnels, which are nearly horizontal 
excavations into hillsides, are classified as above-drainage; these would exhibit less 
improvement in water quality over time because the rock surfaces continue to be exposed 
to air, which facilitates sustained pyrite oxidation, acid production, and alkalinity 
consumption.  Nonparametric Wilcoxon matched-pair signed rank tests between 1975 
and 2012 samples indicate decreases in Fe and SO4
2-
 concentrations were highly 
significant (p<0.05) and increases in pH were marginally significant (p<0.1) for below-
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drainage discharges.  For above-drainage discharges, changes in Fe and SO4
2-
 
concentrations were not significant, and increases in pH were highly significant between 
1975 and 2012.  Although a greater proportion of above-drainage discharges were net 
acidic in 2012 compared to below-drainage discharges, the increase in pH between 1975 
and 2012 was greater for above- (median pH increase from 4.4 to 6.0) compared to 
below- (median pH increase from 5.6 to 6.1) drainage discharges.  For cases where O2 is 
limited, transformation of aqueous Fe
II
 species to Fe
III
 may be kinetically limited.  In 
contrast, where O2 is abundant, aqueous Fe concentrations may be limited by Fe
III
 
mineral precipitation; thus, trends in Fe may not follow those for SO4
2-
.  In either case, 
when the supply of alkalinity is sufficient to buffer decreased acidity, the pH could 
increase by a step trend from strongly acidic (3-3.5) to near neutral (6-6.5) values.  
Modeled equilibrium with respect to Fe
III
 precipitates varies with pH and Fe and SO4
2-
 
concentrations: increasing pH promotes the formation of ferrihydrite, while decreasing 
concentrations of Fe limit the formation of ferrihydrite, and decreasing Fe and SO4
2-
 
concentrations limit the precipitation of schwertmannite and favor formation of Fe
III
 
hydroxyl complexes and uncomplexed Fe
2+
 and Fe
3+
.  The analysis of the long-term 
geochemical changes in CMDs in the anthracite field and the effect of the hydrologic 
setting on water quality presented in this paper can help prioritize CMD remediation and 
facilitate selection and design of the most appropriate treatment systems. 
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1 Introduction 
Mining disturbance results in the rapid and extensive movement of water and air 
into mines and mine spoil, creating the aqueous and oxidizing environment required for 
acid and metals to leach from the remaining rock into nearby waterways.  Coal mine 
drainage (CMD) commonly has elevated dissolved solids that originate from the 
oxidation of iron-bearing metal sulfides, e.g. pyrite, FeS2, with the consequent release of 
sulfuric acid and dissolved and solid forms of Fe
II
 and Fe
III
 (Rose and Cravotta, 1998; 
Cravotta et al., 1999).  Ochre forming Fe
III
 oxyhydroxide (ferrihydrite and goethite) and 
sulfate minerals (schwertmannite and jarosite) commonly are precipitated from mine 
drainage (Bigham et al., 1996; Jonsson et al., 2006).  CMD can also contain high 
concentrations of metal(loid)s such as Mn, Pb, Cu, As, Ni, Zn, Cr, and Al (Benner et al., 
1997; Cravotta, 2008a).  Thus, CMD can degrade the aquatic environment through 
chemical, physical, biological, and ecological pathways (Earle and Callaghan, 1998; 
MacCausland and McTammany, 2007).  Discharge from mines and mining wastes may 
continue for decades to centuries following abandonment (Younger, 1997; Moncur et al., 
2003; Gunsinger et al., 2006; Raymond and Oh, 2009). 
Although many studies have focused on the downstream transport and 
transformations of Fe (Chapman, 1982; Fuller and Davis, 1989; McKnight and Bencala, 
1989; Lee et al., 2002), few have evaluated the factors controlling Fe concentrations 
within abandoned underground mines.  Data collected from various field studies indicate 
that CMD water quality gradually improves following the cessation of mining and the 
closure of a mine (Wood et al., 1999; Demchak et al., 2004; Thomas, 2013).  In a study 
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of 32 mine discharges in Scotland, Wood et al. (1999) found that mines abandoned for 
more than 50 years tended to have lower Fe and SO4
2-
 concentrations compared to mines 
abandoned 20 years or less.  However, this study had only limited data to  evaluate how 
individual mine geochemistry changed over time, with only six sites having multiple 
samples analyzed over the period of record that was up to a maximum of approximately 
20 years at one site and approximately 10 years at the other five, and discharge data were 
not evaluated. 
In addition to mine age since closure, whether a mine is situated above- or below-
drainage can affect the quality of the discharged water (e.g. Demchak et al., 2004).  
Generally, mines developed in the updip direction tend to be above-drainage with 
substantial volumes of unsaturated voids, whereas mines developed in the downdip 
direction tend to be below-drainage and saturated with groundwater after closure (Mentz 
and Warg, 1975).  Two Pennsylvania bituminous coal mines on the same coal seam 
(Clarion A), one above-drainage and the other below-drainage, were reported by Mentz 
and Warg (1975) to have markedly different water qualities at the point of discharge.  
CMD from the above-drainage Shoff Mine that was 10% flooded at the time of the study 
had a mean pH of 2.6, mean total Fe concentration of 357 mg/L, and mean Fe
II 
concentration of 191 mg/L.  Conversely, CMD from the below-drainage Yorkshire mine 
that was 90% flooded had a mean pH of 5.0, mean total Fe concentration of 46 mg/L, and 
mean Fe
II
 concentration of 45 mg/L.  In a study by Lambert et al. (2004) of four 
abandoned coal mines also in the bituminous field in Pennsylvania, improvements in 
CMD water quality were greater at below-drainage mines than in above-drainage mines.  
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Water from the one below-drainage mine was found to transition from acidic to alkaline 
within 25 years of mine closure, while water discharging from another below-drainage 
mine was circumneutral with high alkalinity at the initial sampling and exhibited an 
increase in alkalinity and no change in pH over the study period.  Conversely, a partially 
flooded mine and unflooded mine exhibited much smaller improvements in water quality, 
and discharge from the unflooded mine remained net-acidic over the same time period. 
We hypothesized that long-term improvements in CMD quality will result from 
diminishing quantities of unweathered pyrite, decreased access of O2 to the subsurface 
after mine closure, decreased rates of acid production, and relatively constant influx of 
alkalinity from groundwater.  Below-drainage discharges from coal seams situated below 
the water table would receive groundwater inputs with low dissolved O2, resulting in 
limited pyrite oxidation and the gradual improvement of CMD water quality.  In contrast, 
above-drainage discharges from coal seams situated above the water table would exhibit 
less improvement in CMD quality over time because the rock surfaces continue to be 
exposed to air, which facilitates sustained pyrite oxidation and alkalinity consumption. 
To evaluate these hypotheses, an extended study period with numerous sampling sites 
that evaluates discharge type, dissolved oxygen (DO), and alkalinity is necessary.  This 
paper evaluates temporal variations in geochemistry at 24 CMDs in the anthracite coal 
region of Pennsylvania that were sampled in 1975 (Growitz et al., 1985), 1991 (Wood, 
1996), 1999 (Cravotta, 2008a, 2008b), and 2012 (this study).  One goal of this study was 
to identify trends in CMD water quality over time in the anthracite coal region with 
respect to hydrologic setting (above/below-drainage) of the mine.  A second goal was to 
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further develop the mechanistic understanding of the long-term potential of pollutants 
from abandoned CMD discharges to attenuate or continue impacting receiving 
waterways.   
Understanding how these discharges evolve over time can be used to better 
inform watershed restoration plans and CMD treatment decisions.  For example, one 
possible strategy is to monitor the evolution of the discharge as natural attenuation 
processes take place, and not install a treatment system for sites in which water quality 
does not far exceed relevant effluent goals.  Conversely, for discharges that far exceed 
relevant water-quality criteria [e.g. pH between 6.0 and 9.0, negative net acidity 
concentration, and Fe and Mn less than an instantaneous maximum concentration of 7.0 
or 5.0 mg/L, respectively (Commonwealth of Pennsylvania, 1998)] and in which the 
geochemistry is expected to evolve significantly over time, the construction of an active 
treatment system that can be readily adapted to changing chemistries, or a passive system 
with the capacity for modification, may be the optimal solution (Wood et al., 1999; 
Demchak et al., 2004).  For sites in which the geochemistry is not expected to evolve 
significantly over time, passive systems may be the optimal solution due to the lower cost 
of implementation over a long time period compared to the cost of active chemical 
additions (Skousen et al., 2000; Johnson and Hallberg, 2005).  The analysis of the long-
term geochemical variations in CMDs in the anthracite field presented in this paper can 
help prioritize restoration activities and facilitate selection and design of the most 
appropriate treatment systems.    
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2 Methods 
2.1 Site Locations and Available Historical Data 
The anthracite coal region located in Northeastern Pennsylvania is comprised of 
four fields: the Northern, Eastern Middle, Western Middle, and Southern (Figure 1).  The 
Llewellyn and Pottsville Formations host most of the anthracite coal beds, which are 
primarily freshwater in origin (Brady et al., 1998).  All of the sites sampled in this study 
discharge from underground mines on multiple coal seams in the Llewellyn Formation.  
Several CMD sources were sampled in each of the four fields.  
Twenty-four sampling sites from prior studies were resampled in 2012 for this 
investigation (Table 1, Figure 1) (Growitz et al., 1985; Wood, 1996; Cravotta, 2008a; 
Cravotta, 2008b).  Of those, four sites did not have pH or SO4
2-
 measured in 1991, and 
five did not have Fe measurements in 1991.  Of the 1975 samples, the Fe concentration 
for one sample was reported as >100 mg/L and two samples were reported as <1 mg/L.   
The discharges are classified as above- or below-drainage for this report based on the 
mining method used: drifts and tunnels, which are nearly horizontal excavations into 
hillsides above stream base level, are identified as above-drainage, while shafts, slopes, 
and boreholes, which are vertical or steeply sloping excavations into mine workings 
below stream base level, are below-drainage (Table 1).  These classifications are 
consistent with the hydrological characteristics described previously for updip and 
downdip mines, whereby the above-drainage and updip mine discharges tend to flow 
freely by gravity from unconfined, partly water-saturated zones, and the below-drainage 
and downdip mine discharges tend to flow from fully water-saturated zones under 
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confined, artesian pressure conditions.  The depth to which the drainage accesses the 
mine pool, or the effects that any other openings to the same mine may have on the water 
chemistry are not differentiated; rather, this study shows how knowledge of the physical 
setting and water-quality of singular major discharges can be used to estimate the long-
term treatment strategy.  
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Table 1 CMD location and drainage type 
 
Coal Field Discharge Name Latitude   Longitude 
Above 
Eastern 
Middle 
Beaver Meadow Outfall (Quakake)^ 40.91925 -75.90159 
Oneida Tunnel 40.91842 -76.14688 
Northern 
Butler Mine Tunnel (Pittston Water 
Level Tunnel) 
41.32675 -75.78992 
Southern 
Colket Mine*
+
 40.64037 -76.40607 
Porter Tunnel*
+
 40.60064 -76.50552 
Rowe Tunnel Discharge 40.59528 -76.44222 
Silverbrook Mine 40.87342 -76.00437 
Valley View Tunnel 40.61389 -76.55194 
Western 
Middle 
Scott Ridge Mine Tunnel*
+
 40.79453 -76.48833 
Cameron Mine Drift 40.79361 -76.56528 
Below 
Northern 
Buttonwood Outfall 41.22619 -75.93659 
Coalbrook Mine (Lower Wilson Creek 
Shaft) 
41.60064 -75.48657 
Duryea Breech Seep 41.34758 -75.77797 
Gravity Slope (Peckville Shaft) 41.48119 -75.56296 
Honey Pot Outfall 41.20694 -76.00611 
Jermyn Mine Outfall Slope 1 41.52119 -75.54657 
Old Forge Borehole 41.36008 -75.75075 
South Wilkes-Barre Boreholes
+
 41.23064 -75.92186 
Southern 
Markson Columnway 40.61861 -76.55000 
Tracy Airhole*
+
 40.62889 -76.45528 
Western 
Middle 
Big Mountain Mine No.1 Slope 40.77138 -76.53762 
Cameron Mine Airshaft 40.79581 -76.56651 
Henry Clay Stirling Mine Pump 40.77728 -76.56805 
Maysville Mine Borehole at Ranshaw 40.78422 -76.51763 
* pH and SO4
2-
 concentration not reported in 1991 
+
 Fe concentration not reported in 1991 
^ Resampled in 2014 
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Figure 1 Site map with sampling locations of above- (●) and below-(●) drainage 
discharges, coal fields (■) (modified from PA DEP, 2013), stream gages (stars), and 
select cities (□) 
 
2.2 Sample Collection and Analysis 
In 2012, field measurements and samples were collected at baseflow, which for 
use in this study is defined as flow below the 25
th
 percentile of daily discharge on the 
sampling date for nearby streams (Figure 1) that were considered representative of 
hydrologic conditions in the region.  Discharge at eight of the CMD sites was determined 
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by measuring channel depth and width and recording velocity at a minimum of 3 sections 
using an electromagnetic velocity meter (Marsh-McBirney, Loveland, CO).  These 
discharges were deep enough (water depth greater than approximately 0.10 m) to allow 
for full immersion of the flow meter at approximately one-third depth from the bottom of 
the discharge.  In discharges with shallower depths, velocity was estimated using a 
neutrally buoyant object traveling a measured distance.  Discharges in which a weir was 
already in place were calculated using equation 1 for a rectangular weir: 
Q = 1.84(b - 0.2H)H
3/2
    (1) 
where Q is discharge (m
3
/s), H is head recorded in the field, and b is the width of a 
rectangular weir.  At one site (Jermyn Mine Discharge) discharge was estimated visually 
as the flow emerged from an irregularly-shaped pipe directly into a large stream. 
Samples and field data were collected as close as possible to the point of 
discharge to avoid possible variations in chemistry due to oxygenation, CO2 degassing, or 
photoreduction that have been reported for several metals species including Fe (Brick and 
Moore, 1996; McKnight et al., 2001; Gammons et al., 2005).  The pH, oxidation-
reduction potential (ORP), and DO were measured in-situ using Manta II multiparameter 
sondes (Eureka Environmental).  Probes were calibrated prior to use in the field, and 
calibrations were verified when all sampling was completed.  All samples were stored on 
ice while in the field, and refrigerated at 4°C upon return to Lehigh University.  Samples 
were filtered on-site using a 0.45 μm filter (Whatman, P/P) for anion and dissolved cation 
analysis.  Samples for cation analysis were acidified to a pH less than 2 in the field using 
HNO3.  For sites with pH greater than approximately 6, alkalinity was determined by 
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titration using 0.1 or 0.01 N H2SO4 on the same day as sample collection and calculated 
using the gran function plot method.  For samples with pH below approximately 6, 
alkalinity was calculated using charge balance and assuming samples with pH<4.5 
contain no measurable alkalinity.  The charge balance method was assessed with the data 
from 1999 in which alkalinity was measured at each site and produced good correlation 
between measured and calculated values.  Net acidity was calculated from data collected 
in 2012 using the equation: 
Net Acidity = 50{1000(10
-pH
)+[2(Fe
II
)+3(Fe
III
)]/56+2(Mn)/55+3(Al)/27}-Alk      (2) 
where net acidity and alk (alkalinity) are in the units of mg/L as CaCO3 (Kirby and 
Cravotta, 2005).  For net acidity calculations, all Fe is assumed to have an equivalent 
acidity of Fe
II
.  Net acidity was not calculated using the 1975 data because Mn 
concentration was not reported.  The pCO2 was determined based on pH, alkalinity, and 
temperature for 2012 and 1975.   
Cation concentrations were measured using an Inductively Coupled Plasma Mass 
Spectrometer (ICP-MS, Thermo-Elemental X-Series, Winsford, UK) using conventional 
pneumatic nebulization.  Cation concentrations were quantified using a six point external 
standard calibration curve with an absolute accuracy of 5-7% and a precision better than 
3%.  Anions were determined with ion chromatography using carbonate/bicarbonate 
eluent and an AS-14 column with suppressed conductivity detection (Dionex) with an 
accuracy of 5%. 
On the day of field sampling at each site, streamflow data at the nearby U.S. 
Geological Survey (USGS) gages 01534500 Lackawanna River at Archbald, PA (lat 
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41.5044N/long -75.5425W), and 01469500 Little Schuylkill River at Tamaqua, PA (lat 
40.8069N/long -75.9722W), were retrieved from the National Water Information System 
(NWIS) (U.S. Geological Survey, 2013) to assess whether the mine pool flows were 
likely to be near base-flow by comparing the mean daily discharge at each gage on the 
date sampled to gage statistics for the full record of data.  All sampling in 2012 and 1991 
coincided with daily mean discharge below the 25
th 
percentile, indicating that the mine 
pools were at base-flow conditions as defined for this study.  Daily mean discharge on all 
sampling dates in 1975 was below the mean discharge but above the 25th percentile 
discharge for both rivers.  Daily mean discharge on all but one date in 1999 was below 
the mean discharge, and a majority of sampling dates in 1999 were also below the 25th 
percentile for both rivers (U.S. Geological Survey, 2013). 
Cumulative distribution plots for pH, Fe, SO4
2-
, discharge, alkalinity, net acidity, 
DO, and pCO2 (-log partial pressure of CO2) were prepared to show the range and central 
tendency of data values.  Such plots were used to indicate the probability that a given 
value will be exceeded, whether data are normally distributed, and whether data values 
differ among sample subsets such as above- and below-drainage hydrologic settings or 
different years.   
The nonparametric Wilcoxon matched-pairs signed rank test (Helsel and Hirsch, 
2002) was used to identify the statistical significance of differences in Fe and SO4
2-
 
concentrations and pH between the sampling years and by hydrologic setting.  This 
nonparametric test ranks the values in the data sets being compared (for example, Fe 
concentration for 1975 and 2012) and ranks the absolute value of differences between 
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pairs of values to determine the significance of the difference in median rank.  Exact p-
values were calculated using the statistical program GraphPad Prism version 6 (GraphPad 
software, San Diego, CA).  A p<0.05 is considered to be highly significant and a p<0.1 is 
considered to be marginally significant.  A comparison for the intervening years between 
1975 and 2012 is not included because a portion of the sites were not sampled for every 
parameter in 1991, as discussed previously.  Sites sampled in 1975 in which the exact Fe 
concentration is unknown were included in the signed rank test with the two censored 
values (<1 mg/L) and the two reported concentrations that were values less than 1 mg/L 
(0.32 and 0.22 mg/L) considered equivalent to 0.99, resulting in the same rank for use in 
the nonparametric Wilcoxon signed rank test.  Likewise, the value reported as >100 mg/L 
was assigned the same rank as the only other site recorded at above 100 mg/L in below-
drainage discharges in that sampling year.  The Wilcoxon signed rank test is not sensitive 
to the precise value assigned to these two sites, and instead uses only their relative rank.  
For calculation of mean, median, and standard deviation, conservative values of 0.99 
mg/L and 101 mg/L were used.  These estimated values are denoted with dashed lines on 
Figure 4.  The arithmetic mean, median, standard deviation, and coefficient of variation 
(100×standard deviation/mean) were also calculated to be able to compare to other 
studies.  The mean value for pH was computed by two methods: (1) taking the negative 
log of the mean proton concentration, and (2) taking the mean of the pH value because 
the mean proton concentration does not clearly show whether a shift towards higher pH 
has occurred.  The use of the proton concentration or pH value does not change the 
Wilcoxon signed rank test result.   
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The datasets were treated in aggregate first, and then divided into above- and 
below-drainage subsets for comparison.  For each site, the overall significance of 
temporal changes in parameters (increase or decrease in pH or concentration) between 
1975 and 2012 was tested using a Wilcoxon signed rank test, followed by an estimate of 
how much the parameters changed by comparing mean and median values.  Fe and SO4
2-
 
concentrations were not adjusted for variations in discharge between 1975 and 2012.  
Finally, as a measure of variability of a parameter among all the sites in a given year, the 
standard deviation and coefficient of variation of the parameters were examined. 
Sample collection procedures were similar among all the years studied, and the 
standards used for calibration of equipment were similar (e.g. pH buffers, chemical 
standards).   Although analytical instruments and procedures have improved through 
time, these changes generally affected only the detection level and precision.  
Improvements in detection limits on more recent analyses would be more important for 
later samples in which concentration was lower and would be more important for trace 
metals as opposed to Fe and SO4
2-
, which tend to be found at easily measurable 
concentrations in CMDs.  While instantaneous discharge measurements were useful to 
indicate the relative magnitude of CMD sources within the 2012 dataset, the discharge 
methods used in 2012 were less precise than those for previous studies and therefore were 
not ideal for a rigorous analysis of changes in long-term discharge over time or the effect 
of discharge on water quality trends. 
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2.3 Equilibrium Geochemical Modeling  
Complete geochemical data for samples collected in 2012 were used with 
PHREEQC to calculate (1) pCO2, (2) the redox distribution for dissolved Fe (Fe
II
 and 
Fe
III
) on the basis of measured Eh, and (3) the ratio of the uncomplexed, dissolved Fe
2+
 to 
total dissolved Fe (Fe
II
 and Fe
III
, which includes the dissolved complexed and 
uncomplexed species) (PHREEQC version 3.0.6; Parkhurst and Appelo, 1999).  Eh was 
calculated from ORP using the temperature correction method set forth in Nordstrom 
(1977), and an average temperature of 10°C because temperature was not recorded at 
every site.  For context, a 5°C increase or decrease in temperature results in less than 1% 
change in calculated Eh value.  Eh was converted to pe (where pe=Eh(V) x 16.9) for 
modeling purposes.  Solubility curves for goethite (FeOOH), schwertmannite 
(Fe8O8(OH)4.8(SO4)1.6), ferrihydrite (Fe(OH)3), and siderite (FeCO3), and an Eh-pH end 
member diagram of the equilibrium Fe species and minerals, were calculated using 
Geochemist’s Workbench Act2 Student version 10.0.3 (Bethke and Yeakel, 2014) with a 
modified LLNLv8.R6+ database (Table A.1).  Fe mineral solubility curves were 
calculated using measured SO4
2-
 (pSO4
2-
 = 2.5) concentrations in the 2012 samples.  
Solubility of siderite was calculated under two conditions, pCO2 = 3.5, based on the 
assumed concentration in ambient air, and pCO2 = 1.5 to indicate potential conditions in 
the subsurface.   
Eh-pH end-member diagrams were created based on measured high and low Fe 
concentrations (pFe = 3.01 and 4.28, respectively), and measured high and low SO4
2-
 
concentrations (pSO4
2-
 = 2.19 and 4.10, respectively) from the 2012 samples at 25°C.  
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The stability of siderite was also calculated based on concentrations in 2012 samples with 
pCO2 = 3.5.  Calculations were done for 25°C, at which the accepted thermodynamic 
properties of schwertmannite are valid.  Fe-bearing minerals not expected to form in 
these discharges were suppressed: magnetite, hematite, jarosite, melanterite, and troilite.  
Assessments of mineralogy at mine drainages in the anthracite coal region of 
Pennsylvania have not identified jarosite (Williams et al., 2002; Cravotta, 2005).  
However, jarosite has been identified as a plausible secondary sulfate mineral that may be 
dissolved in the first flush of hard-coal mine workings following abandonment (Gzyl and 
Banks, 2007).  In a survey of the geochemistry of 140 mine discharges in Pennsylvania, 
Cravotta (2008b) shows melanterite to be undersaturated in all samples, but samples have 
varying degrees of saturation with respect to schwertmannite, ferrihydrite, and goethite.  
To account for variations in mineral assemblages occurring over time as solids age, two 
Eh-pH diagrams were created as representative of different environments: one with the 
meta-stable phases schwertmannite and ferrihydrite, and the other with goethite, the 
stable successor phase to ferrihydrite and schwertmannite (Bigham et al., 1996). 
 
3 Results 
3.1 Variations in Water Quality 
 Data on the pH, Fe and SO4
2-
 concentrations, and discharge are summarized for 
the two different hydrologic settings in 1975 and 2012 in Figures 2 and 3.  Variations of 
these constituents and properties of CMD over time (1975-2012) are shown in Figure 4.  
In general, the discharges displayed a bimodal distribution in pH (Figure 2) which is 
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consistent with other multi-site CMD characterizations, with near-neutral pH values 
resulting from carbonate buffering, and acidic pH values resulting from sulfate buffering 
and Fe
III
 hydrolysis reactions (Cravotta et al., 1999).  Additionally, higher pH values 
were seen for below-drainage discharges compared to above-drainage discharges, and 
there were more sites with a higher pH value in 2012 compared to 1975 for both above- 
and below- drainage discharges.     
 
Figure 2 Frequency distribution of pH values in 1975 (top) and 2012 (bottom) for above- 
(black) and below- (gray) drainage discharges 
 
The median pH for below-drainage discharges was higher than that for above-
drainage discharges in 1975 (median pH =5.6 and 4.4, respectively) and in 2012 (median 
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pH = 6.1 and 6.0, respectively) (Figure 3A).  Similarly, Fe and SO4
2-
 concentrations were 
also higher for below-drainage discharges compared to above-drainage discharges for 
both 1975 and 2012 (Figure 3B, 3C).  For example, in 2012 the median Fe concentration 
was 20 mg/L for below-drainage discharges, and 11 mg/L for above-drainage discharges 
(Figure 3B).  The median discharge for below-drainage discharges was greater than that 
for above-drainage discharges in both 1975 and 2012 (Figure 3D), potentially due to a 
greater contributing area for recharge to mines identified with below-drainage discharges. 
Figures 3E-3H show alkalinity and pCO2 for above- and below-drainage 
discharges from water sampling conducted in 1975 and 2012, and DO and net acidity 
from water sampling conducted in only 2012.  Above-drainage discharges displayed 
similar patterns in alkalinity in 1975 and 2012 with lower alkalinity values observed for 
above-drainage compared to below-drainage discharges.  For example, in 2012 above-
drainage discharges had a median alkalinity of 7.5 mg/L as CaCO3, whereas the median 
alkalinity for the below-drainage discharges was 41 mg/L as CaCO3 (Figure 3E).  In 
contrast, below-drainage discharges had a median concentration of DO that was much 
lower (1.1 mg/L) than that for the above-drainage discharges (9.9 mg/L) (Figure 3F).  
While 57% of below-drainage discharges were net alkaline [net alkalinity = -net acidity 
(Kirby and Cravotta, 2005)], 80% of above-drainage discharges were net acidic (Figure 
3G).  The CO2 concentration exhibited a similar pattern as alkalinity: below-drainage 
discharges had higher CO2 concentrations than above-drainage discharges in both 1975 
and 2012 (Figure 3H).  The median CO2 concentration decreased for both above- and 
below-drainage discharges between 1975 and 2012 while atmospheric CO2 concentration 
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has increased.  This may be indicative of a decrease in weathering rates associated with 
pyrite oxidation and carbonate neutralization through which CO2 is produced (Kirby and 
Cravotta, 2005).  These results are consistent with water quality characterizations of 
above- and below-drainage discharges: above-drainage discharges contain greater DO 
and lower alkalinity due to exposure to air, pyrite oxidation, and subsequent alkalinity 
consumption (Demchak et al., 2004; Lambert et al., 2004; McDonough et al., 2005). 
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Figure 3 Cumulative distribution plots comparing A) pH, B) Fe (mg/L), C) SO4
2-
 (mg/L),  
D) discharge (m
3
/s), E) alkalinity (mg/L as CaCO3),  F) DO concentration (mg/L), G) net 
acidity (mg/L as CaCO3), and H) pCO2 in above- (black) and below- (gray) drainage 
discharges  
 
On the basis of the nonparametric Wilcoxon matched-pairs signed rank test for all 
samples without differentiation by hydrologic setting, concentrations of Fe and SO4
2-
 
were lower and pH was higher in 2012 compared to 1975 (Wilcoxon signed rank test, 
p=0.029, 0.0026, and 0.0044, respectively).  However, above- and below-drainage CMDs 
exhibited differences in their overall hydro-chemical characteristics and tendency for 
water quality to change over time. 
Overall, pH values increased in 2012 for 19 of 24 sites compared to 1975 data.   
The median pH of samples at all sites was 0.75 units higher in 2012 than in 1975.  The 
median pH increased marginally significantly in below-drainage discharges (Wilcoxon 
signed rank test, p=0.070, Table 2) with a median pH value of 5.6 in 1975, and 6.1 in 
2012 (Figure 4A, 4E), while the median pH in above-drainage sites increased highly 
significantly from 4.4 in 1975 to 6.0 in 2012 (Wilcoxon signed rank, p=0.047, Table 2).  
While a slight decrease in the negative log of the mean proton concentration (equivalent 
to lower pH) was observed between 1975 and 2012 for the above-drainage discharges, 
this computational method obscures shifts towards a higher pH which are clearly 
indicated in Figure 2.  The Wilcoxon signed rank test result indicates the change in pH is 
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significant because a greater number of sites exhibited a pH increase compared to the 
number of sites that exhibited a pH decrease.  
The median Fe concentration decreased highly significantly at below-drainage 
sites between 1975 and 2012 (Wilcoxon signed rank test, p=0.019, Table 2).  The mean 
Fe concentration decreased from 50 mg/L to 23 mg/L (Figure 4F), and median 
concentration decreased from 44 mg/L to 20 mg/L during this time period.  A below-
drainage discharge exhibited the highest concentration of Fe with 190 mg/L in 1975 and 
while this site was not sampled in 1991, the concentration progressively decreased to 32 
mg/L in 1999 and 27 mg/L in 2012.  For above-drainage discharges as a group, there 
were no significant changes in Fe concentrations between 1975 and 2012.  Overall, the 
standard deviation of Fe concentrations for above- and below-drainage discharges 
decreased by 78% and 66%, respectively. 
Concentrations of SO4
2-
 exhibited a highly significant decrease for below-
drainage discharges between 1975 and 2012 (Wilcoxon signed rank test, p=0.0011, Table 
2, Figure 4C, 4G).  The median SO4
2-
 concentration in these discharges decreased from 
465 mg/L in 1975 to 310 mg/L in 2012 (Figure 4G).  The highest concentration of SO4
2-
 
in 1975 was 2,800 mg/L; this same site still had the highest concentration in 2012, though 
the concentration had decreased to 620 mg/L.  The above-drainage sites exhibited no 
significant change in SO4
2-
 concentration, and the standard deviation decreased by 68% 
and 79%, respectively for above- and below-drainage discharges.   
While there is variation in the instantaneous discharge over time (Figures 3D, 4D, 
4H), long-term changes in discharge would not be expected absent changes in the 
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recharge to the mine.  By project design, issues of discharge as an explanatory variable 
for changes in water chemistry were limited.  Sampling was done at baseflow to avoid 
hydrologic conditions that could change water chemistry, such as the effects of dilution 
or salt dissolution due to storm events (Nordstrom, 2009; Cravotta et al., 2014). 
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Figure 4 Sampling results from 1975, 1991, 1999, and 2012 from anthracite CMDs for 
above- (black) and below- (gray) drainage discharges for A) pH, B) Fe concentration 
(mg/L) (dashed lines denote estimated values), C) SO4
2-
 concentration (mg/L), D) 
discharge (m
3
/s), with the mean (■) and median (●) for E) pH with the mean also 
computed based on the proton concentration (▲), F) Fe (mg/L), G) SO4
2-
 (mg/L), and H) 
discharge (m
3
/s)  
 
Table 2 Statistical significance (p-values) of nonparametric Wilcoxon matched-pairs 
signed rank test for difference between sample sets collected in 1975 and 2012 for above- 
and below-drainage discharges.  Bold values indicate distributions of the two sample 
groups are different at the 95% confidence interval while italic values indicate 
distributions are different at the 90% confidence interval.  The sign indicates whether the 
median rank has increased (+) or decreased (-). 
Discharge Type Parameter 1975-2012 
Above-drainage 
  
pH +0.047 
Fe -0.52 
SO4
2-
 0.35 
Below-drainage 
  
pH +0.070 
Fe -0.019 
SO4
2-
 -0.0011 
  
A decrease in the coefficient of variation concurrent with a decrease in mean 
value indicates the range of values is decreasing, and the system is becoming more stable 
over time.  While the coefficient of variation for Fe for above-drainage discharges in 
1975 is much higher than that of the below-drainage discharges (146 versus 103, 
respectively), both decrease by 2012 (Figure 5).  The coefficient of variation for SO4
2-
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also exhibits an overall decrease with higher values seen in 1975 compared to 2012.  
Conversely, the coefficient of variation for pH shows a small increase from 1975 to 2012, 
while the mean pH increased, indicating an increase in the range of values.  Unlike pH 
and Fe and SO4
2-
 concentrations, while the coefficient of variation for discharge is 
different for each year sampled for both discharge types, discharge is not expected to 
reach steady-state over time. 
  
Figure 5 Coefficient of variation during specified sampling year for pH in above- (■) and 
below- (■) drainage discharges, Fe in above- (●) and below- (●) drainage discharges, 
SO4
2-
 in above- (▲) and below- (▲) drainage discharges, and discharge in above- (x) 
and below- (x) drainage discharges  
 
3.2 Modeled solid phases 
To assess potential for various Fe minerals to limit concentrations of Fe and 
possibly SO4
2-
, the pH and -log activity of Fe
II
 and Fe
III
 for samples collected in 2012 are 
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compared to the corresponding solubilities of Fe
III
 minerals (Figure 6).  Data reported for 
samples collected in 1975 and 1991 did not include major ions, and so were not sufficient 
for geochemical modeling.  Data for samples collected in 1999 are not shown because 
variations in water quality parameters between 1999 and 2012 were not assessed.  Sample 
composition that plots above the lines depicting the solid phase boundaries of minerals, 
which include Fe
III
 minerals: schwertmannite, goethite, and ferrihydrite, and a Fe
II
 
mineral: siderite (Figure 6), are oversaturated with respect to those minerals.  With 
respect to Fe
III
, almost all samples appear to be oversaturated with respect to goethite, 
while the meta-stable phases, schwertmannite and ferrihydrite, are at near to 
oversaturation levels across the pH range.  Below approximately pH 6, schwertmannite is 
the dominant meta-stable phase, whereas ferrihydrite predominates at higher pH values.  
Above approximately pH 6, all samples are at near to oversaturation with respect to 
ferrihydrite.  With respect to Fe
II
, one sample is oversaturated with respect to siderite 
above approximately pH 7 for the modeled conditions of low concentration of CO2 
(pCO2 = 3.5).  For the modeled high concentration of CO2 (pCO2 = 1.5), a larger portion 
of the samples indicate potential for oversaturation above approximately pH 6. 
Although Fe
II
 is the dominant aqueous species, there are not large differences in 
the calculated proportion of Fe as uncomplexed Fe
2+
 in above- compared to below-
drainage discharges: the median Fe
2+
:Fetotal ratio was 87% and 84% in 2012 for above- 
and below-drainage discharges, respectively.  The lack of correlation between aqueous 
Fe
II
 and pH indicates Fe
II
 is not limited by the solubility of hydroxide minerals at the 
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conditions measured.  However, Fe
II
 may be limited by siderite precipitation at 
approximately pH > 6.  
 
Figure 6  Mineral solubility curves modeled in Geochemist’s Workbench Act2 for 
goethite (-•-•), ferrihydrite (•••), schwertmannite (---), and siderite range (pCO2=1.5-3.5) 
(–) with -log activity of FeII and FeIII  modeled using PHREEQC for above-drainage 
(black) and below-drainage (gray) discharges with pSO4
2-
 = 2.5 at 25°C 
 
 As the mine drainage water quality evolves with age or elapsed time since mine 
closure, both the Fe and SO4
2-
 concentrations decrease.  This evolution prompts the 
evaluation of whether the discharges have become less favorable for the formation of 
certain solid phases.  Figure 7 shows the solid phase stability fields observed for high and 
low Fe and SO4
2-
 end-member concentrations in water for a ferrihydrite and 
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schwertmannite dominated system (Figure 7A), and a system containing goethite, the 
stable phase formed by schwertmannite and ferrihydrite over time (Figure 7B).   
In Figure 7A, for the high end-member (pFe = 3.01 and pSO4
2-
 = 2.19, modeled phases 
indicated by bold lines) schwertmannite and ferrihydrite are indicated to form below and 
above approximately pH 6, respectively, in oxidized samples, while siderite forms above 
pH 7 in samples at lower oxidation states.  For the low end-member, (pFe = 4.28 and 
pSO4
2-
 = 4.10, modeled phases indicated by thin lines on Figure 7A) below 
approximately pH 5 schwertmannite, FeOH
2+
, and Fe
3+
 dominate, whereas ferrihydrite 
may predominate above approximately pH 5.  Fe
2+
 and siderite are present at lower 
oxidation levels.  In Figure 7B, goethite is the dominant solid phase, with almost every 
sample falling within the thermodynamic stability field for this mineral under both end-
member conditions.  
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Figure 7 Eh-pH diagram of Fe dominant species fields calculated by Geochemist’s 
Workbench Act2 with results from above-drainage sites (●) and below-drainage sites (●) 
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in 2012.  Bold lines refer to high Fe and SO4
2-
 concentrations (pFe = 3.01 and pSO4
2-
 = 
2.19) while thin lines refer to low Fe and SO4
2-
 concentrations (pFe = 4.28 and pSO4
2-
 = 
4.10) at 25 °C with pCO2 = 3.5 for a A) schwertmannite and ferrihydrite system in which 
the shaded region corresponds to the low end-member of ferrihydrite, and B) goethite 
system 
 
 To evaluate the effect of changes in water quality variables on potential for 
ferrihydrite to precipitate, the saturation index (SI) was calculated for a possible range of 
conditions at selected sites: decreased total H
+
 (increased pH), Fe, and SO4
2-
 
concentration.  For ferrihydrite, a decrease in Fe results in a decrease in SI, while a 
decrease in SO4
2-
 results in a slight increase in SI due to lowering the potential for 
formation of aqueous sulfate complexes with Fe (Table 3).  Compared to decreases in Fe 
and SO4
2-
, increases in pH result in a much larger change in SI of ferrihydrite.   
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Table 3 Computed saturation indices for select samples near saturation with ferrihydrite 
in 2012 under individually modified water quality conditions: initial conditions and a 
50% (0.5x) decrease in H
+
, Fe, and SO4
2-
 concentrations  
 
SI Ferrihydrite 
Site 
Beaver Meadow 
Outfall 
Silverbrook 
Mine 
Cameron Mine  
Airshaft 
H
+
 -0.82 -1.4 -1.1 
0.5 H
+
 -0.3 -0.48 -0.24 
ΔSI(0.5H+-H+) 0.52 0.9 0.9 
Fe -0.82 -1.4 -1.1 
0.5 Fe -1.1 -1.7 -1.4 
ΔSI(0.5Fe-Fe) -0.3 -0.3 -0.3 
SO4
2-
 -0.82 -1.4 -1.1 
0.5 SO4
2-
 -0.78 -1.3 -1.1 
ΔSI(0.5SO42- -SO42-) 0.038 0.049 0.05 
 
4 Discussion 
In a comparison of 1975 and 2012 CMD samples, Wilcoxon signed rank 
statistical tests show that decreases in Fe and SO4
2-
 concentrations were highly significant 
and increases in pH were marginally significant (H
+
 decreased) for below-drainage 
discharges, while above-drainage discharges exhibited highly significant increases in pH, 
and no significant change in Fe or SO4
2-
 concentrations during the 37 years evaluated 
(Figure 4, Table 2).  Median Fe and SO4
2-
 concentrations and pH in the 1991 and 1999 
samples support the apparent trends indicated in comparison tests between 1975 and 
2012.  The decrease in the coefficient of variation of the Fe and SO4
2-
 concentrations in 
both above- and below-drainage discharges (Figure 5) may indicate that over time these 
discharges are becoming less variable in composition which can reflect a slow approach 
toward steady-state conditions.  These results indicate the water quality has gradually 
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improved at below-drainage discharges, and is consistent with results presented for other 
time-series studies (Wood et al., 1999; Lambert et al., 2004; Sams and Beers, 2000; 
Demchak et al., 2004; Gzyl and Banks, 2007; Perry and Rauch, 2013).  While updip 
mining practices may be beneficial in that water does not need to be pumped out to 
access the coal seam, updip mining is consistent with above-drainage hydrologic 
conditions as previously described in that the potential for pyrite oxidation is enhanced.  
In contrast, for below-drainage discharges, because of limited availability of O2 in water 
compared to air, the rate of pyrite oxidation is slowed exponentially compared to that in 
air (Schuring et al., 1997).   
As illustrated by the time-series plots showing the mean and median 
concentrations of Fe and SO4
2-
 (Figure 4), it is apparent that the above- and below-
drainage discharges continue to yield the products of pyrite oxidation in 2012, but in 
lower amounts than in 1975.  For both discharge types, Fe and SO4
2-
 will continue to be 
discharged until pyrite is exhausted and residual oxidation products are removed.  The 
marginally elevated but decreasing concentrations of SO4
2-
 for both discharge types 
(Figure 4G) imply that pyrite oxidation continues to be active or the oxidation products 
continue to be available.  Nevertheless, insignificant to minor changes in Fe and SO4
2-
 
concentrations for above-drainage discharges during 1975 to 2012 indicate these sites 
may be approaching steady-state water-quality conditions.  These changes for above-
drainage discharges are consistent with high availability of O2, decreasing quantities of 
available pyrite, and aqueous Fe concentrations that are limited by Fe
III
 mineral 
precipitation (Figures 6 and 7).  In contrast, highly significant long-term decreases in the 
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Fe and SO4
2-
 concentrations for below-drainage discharges (Table 2) and the limited 
access of O2 in the flooded mine workings suggest the potential for kinetic limitations on 
the oxidation of pyrite and the oxidation of aqueous Fe
II
 and the consequent precipitation 
of Fe
III
 minerals.  For example, the homogeneous oxidation rate model of Stumm and 
Morgan (1996) indicates the Fe
II
 oxidation rate is proportional to O2 concentration.  The 
apparent lack of steady-state conditions for below-drainage discharges implies greater 
elapsed time would be needed until pyrite is exhausted and residual oxidation products 
are removed.  A more complete dataset for this time series including sampling over 
different hydrologic conditions and into the future would be useful to confirm this 
hypothesis.   
Different trends for Fe concentrations in above- and below-drainage discharges 
result from differences in geochemical conditions that may favor Fe mineral formation.  
A lack of correlation between dissolved Fe and pH in both above- and below-drainage 
discharges indicates that Fe
II
 is the predominant aqueous species and that pH has not 
increased sufficiently to favor the precipitation of Fe
II
 minerals or the rapid oxidation of 
Fe
II
 to Fe
III
.  PHREEQC modeling supports this interpretation in that the Fe
II
/Fe ratio is 
similar for the two discharge types.  Relatively high pH (>6) and Pco2 (>10
-3.5
 atm) 
would be needed to precipitate Fe
II
 as siderite, whereas oxic conditions (DO > 0.5 mg/L) 
would be needed to transform Fe
II
 to Fe
III
 and precipitate ferrihydrite or schwertmannite 
(Figure 7).  Although precipitation of Fe
III
 minerals may account for the relatively low Fe 
concentrations compared to SO4
2-
 concentrations in above-drainage discharges, relatively 
low DO in below-drainage discharges may account for less extensive Fe
II
 oxidation and 
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higher median dissolved Fe concentration in below-drainage discharges compared to 
above-drainage discharges, despite the pH for the above- and below-drainage discharges 
being almost the same (median 6.0-6.1) in 2012 (Figure 3). 
The bimodal distribution in pH for both above- and below-drainage discharges 
(Figure 2) and the increase in pH values in the near-neutral mode suggests that a step 
change in pH (as opposed to the gradual changes seen in Fe and SO4
2-
 concentrations) 
could occur over time as the discharges shift from buffering in the acidic pH range (3-
3.5) to the near-neutral pH range (6-6.5), with the shift to near-neutral pH representing 
the new, long-term steady state.  This shift may be anticipated with a decrease in the rate 
of acid production, due to progressively decreasing oxidation of pyrite, while the 
alkalinity supply remains constant.  Although increases in pH were highly significant for 
above-drainage discharges, a majority of these discharges were still net acidic in 2012 
(Figure 3G).  The implication is that pyrite oxidation is still active and that many samples 
have marginal alkalinity and are poorly buffered.  The pH of the net acidic samples will 
decrease to acidic pH range as Fe
II
 oxidation releases protons (Kirby and Cravotta, 2005).  
For example, in 1975, only 21% of the discharges had pH>5.75, including 4% that were 
above-drainage and 17% that were below-drainage.  In 2012, 67% of the discharges had 
pH>5.75, including 25% as above-drainage discharges, and 42% as below-drainage 
discharges, indicating a shift towards the near-neutral steady state for a majority of 
discharges.   
The increase in pH for above- and below-drainage discharges in this study may 
cause a shift from schwertmannite formation to ferrihydrite formation (Figure 7A).  This 
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is supported by water quality results from this study and solid phase analyses at Colket 
Mine by Cull et al. (2014) in which the dominant solid phase transitioned from 
schwertmannite to ferrihydrite over a 15 year period, during which time pH increased 
from 5.9 to 6.6.  Lower Fe concentrations over time may also lead to a decrease in solid 
phase formation and instead favor the formation of aqueous Fe
2+
, Fe
3+
, and Fe
III
 hydroxyl 
complexes (Figure 7A, Table 3). 
Although this study has demonstrated that water quality of coal-mine discharges 
has improved and will continue to improve over time, many sites will continue to 
discharge unacceptably high concentrations of Fe and SO4
2-
, and in some cases, low pH, 
and may require remediation to reach acceptable effluent quality.  Knowledge of how the 
geochemical composition of these discharges naturally evolves over time can be used to 
better inform treatment decisions.  Differences in the rates of change by above- and 
below-drainage discharges, where the former is approaching steady state, while the latter 
continues to change, warrant consideration in development of the long-term treatment 
strategy for a given CMD type.   
Treatment may be designed to accommodate the anticipated changes in chemistry 
and the end-user of the water (e.g. water supply, aquatic life).  For example, both 
discharge types in this study indicate potential to improve over time.  A no-treatment 
action plan may be acceptable for discharges that have water quality that meets or 
approaches effluent criteria for active mines (e.g. pH > 6; net acidity < 0; Fe < 7 mg/L; 
and Mn < 5 mg/L) or other appropriate goals.  Nevertheless, approximately 79% of the 
below-drainage discharges did not meet effluent criteria.  For such discharges, treatment 
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options could include the addition of alkaline material or the installation of limestone 
beds with a finite lifetime (approximately 20 year supply), which may be adequate to 
neutralize the remaining release of acid flushed from the flooded mine workings until the 
pH of the raw water increases due to decreases in oxygen transport and pyrite oxidation 
in the mine and additions of alkalinity from groundwater.  In 2012, 50% of the below-
drainage discharges met the criteria for pH and alkalinity levels, whereas only 21% met 
relevant criteria for pH, alkalinity and Fe.  At this stage of net-alkaline discharge, aerobic 
wetlands or active aeration and degassing supersaturated CO2 from these low oxygen 
CMDs will promote the oxygenation of Fe
II
 (Johnson and Hallberg, 2005; Geroni et al., 
2012).  While the storage capacity of wetlands is generally limited, the gradual decrease 
in loading of Fe and increase in pH over time will require less capacity as the system 
ages.  As pH increases, the detention time of the system will not need to be as large 
because the Fe oxidation rate generally will increase with pH (e.g. Stumm and Morgan, 
1996).   
Above- and below-drainage discharges that have positive net acidity and low pH 
tend to lack alkalinity and may benefit from alkaline addition to increase pH and promote 
Fe precipitation under alkalinity buffered conditions (e.g. Cravotta, 2003; Johnson and 
Hallberg, 2005).  For example, in 2012, 50% of above-drainage sites were below the 
acceptable range for pH, and 80% did not meet acceptable alkalinity levels.  Above-
drainage sites also tend to have lower Fe and SO4
2-
 concentrations and pH than below-
drainage sites (Figure 3), and may benefit from the installation of passive treatment 
systems capable of functioning in the long-term that require low maintenance and 
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therefore lower cost of implementation over a long time period compared to costs of 
active chemical additions (Skousen et al., 2000; Johnson and Hallberg, 2005).  For 
example, vertical flow wetlands contain organic material and limestone that add 
alkalinity and reduce Fe
III
 to form metal sulfides (Demchak et al., 2001).  Anaerobic 
wetlands have also been identified in improving water quality in net acidic discharges; 
however, depending on the discharge installation can require a large land area to 
sufficiently reduce acid and metal concentrations (Ziemkiewicz et al., 2003).   
 
5 Conclusions 
Many regions of the world have a legacy of extensive coal mining and regional 
environmental degradation similar to the anthracite coalfields of Pennsylvania, USA.  
Understanding how the different hydrologic settings of abandoned mines will affect their 
water quality from the time of closure and in the future is important for identifying 
restoration and treatment strategies because some mines, particularly those with above-
drainage discharges, are expected to continue to produce acidic, metal-laden waters for 
decades to come, while others (such as below-drainage discharges) may improve over 
time.  For the 14 below-drainage mines evaluated in this study, concentrations of Fe and 
SO4
2-
 decreased between 1975 and 2012 while the coefficient of variation in these 
constituents also decreased, indicating the water quality is improving and stabilizing over 
time, but may not have reached steady-state conditions yet.  In contrast, for the 10 above-
drainage mines evaluated, no significant change in Fe or SO4
2-
 concentrations were 
identified in a comparison of 1975 and 2012 samples, indicating that these discharges 
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may be approaching steady-state conditions characterized by sustained weathering and 
depletion of pyrite and efficient flushing of oxidation products.  The bimodal pH 
distribution in both above- and below-drainage samples in 1975 and 2012, with a greater 
frequency of near-neutral pH in 2012, suggests a step change in pH over time as opposed 
to the gradual changes seen in Fe and SO4
2-
 concentrations.  The near-neutral pH favors 
the precipitation of Fe
II
 minerals or the oxidation of Fe
II
 and the precipitation of Fe
III
 
minerals, thus limiting Fe concentrations.  In contrast, changes in pH may have little if 
any effect on concentrations of SO4
2-
, which is likely to reflect the delivery of pyrite 
oxidation products from the mined rock.  A more complete sampling record conducted 
across different hydrologic conditions (i.e. capturing flushing events in addition to base 
flow) might allow for the calculation of SO4
2-
 and other solute loads that would be 
required for a thorough examination of pyrite and associated mineral weathering rates.  
Such an evaluation may focus on trends in the transport and concentrations of SO4
2-
 and 
net acidity, which tend to be conservative, rather than focus on Fe concentration, which is 
nonconservative.  Future studies that include sampling across different hydrologic 
conditions and collecting precise instantaneous and continuous discharge measurements 
may also be suitable to qualify the relationship between discharge and water quality 
based on the hydrologic setting. 
Although mean and median Fe and SO4
2-
 concentrations for above-drainage 
discharges were lower than those for below-drainage discharges, the above-drainage sites 
were typically net acidic and had lower pH, which may exacerbate transport of Al and 
other potentially toxic metals.  Given the persistent acidic conditions of above-drainage 
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discharges, they may be considered a higher priority for intervention and remediation 
than the below-drainage discharges that have a tendency for improvement.  The treatment 
strategy may consider designs that include alkaline addition and aeration.  Ideally, a long-
term treatment strategy may be adjusted to changing conditions, which may be 
anticipated based on the hydrologic setting and past characteristics of the discharge.  
Long-term treatment strategies could benefit from an understanding of the manner and 
rate of change in the discharge chemistry.  Different treatment methods may be 
anticipated as the chemistry of CMD evolves over time, gradually becoming less acidic 
and less mineralized, and with higher pH that eventually may not warrant intervention.  
In the interim, treatment options that increase pH through aeration and CO2 degassing, or 
alkaline addition may be effective in promoting the oxidation of Fe
2+
 and the 
precipitation of Fe
III
 solids.   
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Appendix 
 
Table A.1 Thermodynamic parameters used for modeling 
 
Mineral Reaction Log k Source 
Ferrihydrite Fe(OH)3 + 3H
+
 = Fe
3+
 + 3H2O 5.0 Bigham et al., 
1996 
Goethite FeOOH + 3H
+
 = Fe
3+
 + 2H2O -1.0 Parkhurst and 
Appelo, 1999 
Jarosite KFe3(SO4)2(OH)6 + 6H
+
 = 3Fe
3+
 + 
6H2O + K
+
 + 2SO4
2-
 
-12.51 Bigham et al., 
1996 
Schwertmannite Fe8O8(OH)4.8(SO4)1.6 + 20.8H
+
 = 8Fe
3+
 
+ 1.6SO4
2-
 + 12.8H2O 
18.0 Bigham et al., 
1996 
Siderite FeCO3 = Fe
2+
 + CO3
2-
 -10.89 Parkhurst and 
Appelo, 1999 
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Chapter 2 
Enhanced Zn and Al Removal from Coal-Mine Drainage by Rapid Oxidation and 
Precipitation of Fe Oxides at Near-Neutral pH 
 
Abstract 
 Concentrations of trace elements, such as Zn, Ni, Cd, Pb, Cu, and Co, in coal-
mine drainage (CMD) can approach or exceed aquatic toxicity thresholds at acidic pH, 
but tend to be limited by adsorption to Hydrous Fe
III
 Oxide (HFO) at near-neutral and 
higher pH.  CMD treatment systems typically increase pH to values of 6 to 9 and induce 
oxidation of Fe
II
 and precipitation of HFO flocs, which have large surface areas in 
contact with CMD.  The effect of different treatments on the solution pH, rate of Fe
II
 
oxidation, and trace-metal adsorption are important to consider when evaluating CMD 
remediation strategies.  A series of batch aeration experiments on net alkaline, anoxic 
CMD was conducted to test the hypothesis that aeration enhances CO2 outgassing, Fe
II
 
oxidation, HFO formation, and trace-metal adsorption.  CMD with dissolved Fe
II
 of ~20 
mg/L, Mn of 3.6 mg/L, and environmentally significant concentrations of Zn, Ni, Co, and 
Al (~0.05 mg/L) was collected from the Oak Hill Boreholes, near Minersville, PA, and 
subjected to field tests involving three aeration rates (Aer 1 12.6 ml/s; Aer 2 16.8 ml/s; 
Aer 3 25.0 ml/s), a control with no mechanical or chemical oxidation, and another control 
without aeration but dosed with hydrogen-peroxide (H2O2).  Over the course of the 
experiments, pH increased from 6.4 to 6.7, 7.1, 7.6, and 8.1 for the control, Aer 1, Aer 2, 
and Aer 3, respectively, and decreased from 6.4 to 6.3 for the H2O2 treatment.  Dissolved 
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Fe and Zn concentrations decreased with aeration, while dissolved Al was initially 
removed but later increased with increasing pH.  The changes in concentration of Al were 
inconsistent with solubility control by kaolinite, gibbsite, or Al(OH)3(a).  H2O2 addition 
promoted instantaneous removal of all Fe and Al, and approximately 13% of initial Zn 
concentrations over the course of the experiment.  Changes in Mn, Ni, and Co 
concentrations were negligible.    
 A kinetic model incorporating O2 ingassing, CO2 outgassing, Fe oxidation and 
precipitation, and Zn and Al adsorption and coprecipitation with HFO was built in 
PHREEQC to assess the importance of pH changes on Fe-oxidation and the consequent 
adsorption and/or precipitation of Zn and Al concentrations.  The model indicated 
adsorption to HFO was the largest sink for Zn and Al, and Zn and Al coprecipitation with 
HFO may have also occurred.  As a consequence of CO2 outgassing during aeration, Zn 
adsorption was enhanced because of increased pH and decreased formation of aqueous 
Zn-carbonate complexes.  While Al initially adsorbed to HFO, increases in pH with 
progressive aeration promoted the formation of aqueous Al-hydroxide complexes and 
eventual increases in the concentration of dissolved Al.  The H2O2 and control treatments 
did not favor rapid removal of Zn by adsorption; in contrast, the lack of pH increase in 
the H2O2 treatment and nearly instantaneous oxidation of initial dissolved Fe
II
 created 
favorable conditions for Al adsorption.  Sensitivity analysis on the model indicated Zn 
and Al adsorption was responsive to changes in HFO surface area and number of 
adsorption sites, initial Fe
II
 concentration which oxidized and formed surfaces for 
adsorption, and initial Mn concentrations which competed for adsorption sites.   
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I Introduction 
 Drainage from coal mines can have pH values that range from strongly acidic to 
near neutral along with elevated concentrations of sulfate and metal(loid) constituents 
such as Fe, Mn, Al, Zn, Ni, and As (Rose and Cravotta, 1998; Kirby and Cravotta, 2005a, 
2005b; Cravotta, 2008b).  Coal-mine drainage (CMD) can degrade the aquatic 
environment through chemical, physical, biological, and ecological pathways because of 
the potential for toxicity of the dissolved constituents and for accumulation of ochreous 
precipitates at discharge sites (Soucek et al., 2000; Battaglia et al., 2005).  While Fe
II
, 
Mn
II
, and Al tend to be the most abundant dissolved metals in CMD, other potentially 
toxic trace elements, such as Zn, Ni, Pb, Cu, Cd, Cr, Co, and As, can be present at 
concentrations that approach or exceed aquatic toxicity thresholds (Smith and Huyck, 
1999; Cravotta, 2008a).  With few exceptions, concentrations of such trace elements in 
CMD tend to decrease with increased pH, despite being orders of magnitude below 
theoretical solubility limits (Cravotta, 2008b).  Such trends can be explained by the 
removal of trace ions by adsorption to or coprecipitation with hydrous Fe
III
 oxides (HFO) 
(Dzombak and Morel, 1990; Kooner, 1993; Webster et al., 1998; Lee et al., 2002; Kairies 
et al., 2005; Sparks, 2005; Burgos et al., 2012) and, to a lesser extent, hydrous Mn
III-IV
 
oxides (HMO) (Loganathan and Burau, 1973; McKenzie, 1980; Harvey and Fuller, 1998; 
Trivedi and Axe, 2001) or hydrous Al oxides (HAO) (Coston et al., 1995; Lee et al., 
2002; Munk et al., 2002; Karamalidis and Dzombak, 2010).  Furthermore, Al and Mn 
adsorption to HFO has been hypothesized at discharges in which Al and Mn are 
undersaturated with respect to Al(OH)3(a) and Mn(OH)2(a), but oversaturated with respect 
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to Fe(OH)3(a) (Lee and Faure, 2007).  Therefore, enhancing the potential for the 
precipitation of HFO, HMO, and/or HAO with the subsequent adsorption of trace 
elements can be a critical factor in treatment system design to decrease environmental 
impacts from CMD. 
 The optimal treatment strategy for CMD can be influenced by many factors 
including water chemistry, discharge rate, site characteristics, and financial resources to 
construct and maintain a treatment system(s).  CMD treatment systems can use various 
processes to increase pH to target values of 6 to 9 and to induce the precipitation of HAO, 
HFO, and HMO, which ideally will accumulate as sludge within the treatment system.  
For example, aeration can be an effective treatment strategy for increasing pH of low 
oxygen, net alkaline Fe
II
 laden CMD or partially treated effluent discharged from an 
anoxic limestone drain (ALD) or a reducing and alkalinity producing system (RAPS) 
(e.g. Hedin et al., 1994; Johnson and Hallberg, 2005).  Aeration increases dissolved O2 
that is needed for Fe
II
 oxidation, and promotes CO2 outgassing, thereby increasing the 
pH, the rate of Fe
II
 oxidation, and the formation of HFO and Al(OH)3(a) (Singer and 
Stumm, 1970; Lee et al., 2002; Cravotta, 2007; Geroni et al., 2012; Cravotta, 2015).  
However, the potential effects of CO2 outgassing and Fe
II
 oxidation kinetics on trace-
metal adsorption or coprecipitation processes in CMD treatment systems generally has 
not yet been quantified. 
 Ochres at CMD sites and treatment systems tend to be enriched in Fe but 
generally contain varying proportions of hydrous Fe
III
, Mn
III-IV
, and Al oxides.  The HFO 
at CMD sites can be described as poorly crystalline to microcrystalline Fe
III
 solids 
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including ferrihydrite, lepidocrocite, schwertmannite, and goethite (e.g. Winland et al., 
1991; Bigham et al., 1996; Kairies et al., 2005; Cravotta, 2008a; Burgos et al., 2012).  
The HMO tends to be composed of mixed valence Mn
III-IV
 minerals such as todorokite, 
birnessite, and “buserite” (Tan et al., 2010), whereas the HAO generally can be 
characterized as amorphous Al(OH)3, microcrystalline gibbsite, and basaluminite 
(Nordstrom, 2011).  HFO, HMO, and HAO in mine drainage tend to contain trace metals: 
for example, Kairies et al. (2005) reported Zn, Co, Ni, and Mn adsorption to HFO and 
HMO in CMD treatment systems, and Munk et al. (2002) measured high concentrations 
of Zn, Pb, Cu, and Ni associated with HAO precipitates in a stream contaminated by acid 
rock drainage.  However, studies have indicated that the extent of trace-metal adsorption 
to the CMD ochres such as HFO can vary between and within treatment systems (Kairies 
et al., 2005; Burgos et al., 2012). 
 Trace-metal adsorption to HFO, HMO, and HAO is affected by pH and many 
other factors.  Numerous studies have indicated enhanced cation adsorption in response 
to increasing pH values (e.g., Dzombak and Morel, 1990; Karamalidis and Dzombak, 
2010; Lee et al., 2002).  Adsorption can also be affected by aging and crystallinity of the 
sorbent (Kairies et al., 2005), particle size, ionic strength (Swallow et al., 1980; Antelo et 
al., 2005), competition for surface sites (Trivedi and Axe, 2001; Xu et al., 2006), and the 
formation of aqueous metal complexes with organic acids and carbonate, hydroxide, and 
sulfate ions (Davis and Leckie, 1978; Theis and Richter, 1979; Grafe et al., 2002; 
Villalobos et al., 2001).  Compared to the free metal ions, the aqueous complexes have 
decreased ionic charge, which decreases the potential for the metal complexes to be 
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adsorbed to negatively charged HFO, HAO, and HMO surfaces (McLean and Bledsoe, 
1992; Langmuir, 1997).    
 In this paper, we report on a series of batch experiments that were conducted in 
the field to quantify the kinetics of removal of iron and associated metals from near-
neutral, net alkaline CMD.  The batch tests evaluated three different aeration rates, a 
control, and hydrogen-peroxide (H2O2) addition without aeration (Cravotta, 2015).  The 
resultant data are used herein to test two hypotheses: (1) aeration will enhance Fe 
oxidation, formation of HFO, and subsequent adsorption of trace metals to HFO; whereas 
(2) H2O2 addition, without aeration, will rapidly precipitate Fe but will not enhance trace-
metal adsorption.  More specifically, aeration, which promotes CO2 outgassing and Fe
II
 
oxidation, will increase pH, increase availability of HFO as suspended fine particles, and 
decrease formation of carbonate complexes.  In contrast, H2O2 addition, without aeration, 
will accelerate the oxidation of Fe
II
 and the precipitation and settling of HFO, but will not 
promote CO2 outgassing with consequent increases in pH or decreases in the formation of 
carbonate complexes.  Kinetic and surface complexation modeling with PHREEQC was 
used to evaluate the interrelations among the pH, the rates of Fe
II
 oxidation, and the 
extent of Zn and Al removal during aeration experiments, and to determine the 
partitioning of Zn and Al between the free ion, aqueous complexes, and surface 
complexes on HFO and HAO.  Sensitivity analysis was conducted to determine the level 
of control exerted by different surface characteristics of HFO (surface area, number of 
weak and strong sites, log k values), to evaluate the relative importance of adsorption 
versus precipitation or coprecipitation of dissolved Zn and Al with Fe
III
, to demonstrate 
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the effects of the initial concentration of Fe, Al, Mn, and Zn on adsorption of Zn and Al, 
and to address any uncertainty in the measurements in this study.   
 
2 Methods  
2.1 Site Description 
 This study used anoxic water discharged from a CMD site to monitor the effect of 
different treatment options on trace metals and other solute concentrations in a complex 
system.  The Oak Hill Boreholes (40°42'11.73"N, 76°15'4.14"W) are located Northwest 
of Pottsville, PA in the West Branch Schuylkill River Watershed.  The boreholes 
discharge 180 L/s of ferrous-iron laden water that is net alkaline with circumneutral pH 
with elevated concentrations dissolved metals including Fe, Mn, Zn, Ni, and Co (Cravotta 
et al., 2014; Cravotta, 2015).  The near-neutral, net alkaline conditions at Oak Hill 
Boreholes are representative of other discharges in the anthracite and bituminous fields in 
Pennsylvania.  For example, 15 of 24 samples from anthracite discharges in 2012 (not 
including Oak Hill Boreholes or Pine Knot Tunnel) were near-neutral (pH 6-8), with 10 
of those found to be net-alkaline (Burrows et al., 2015).  Additionally a study by Cravotta 
(2008a), which included 41 anthracite sites and 99 bituminous sites in Pennsylvania, 
indicated that trace metals such as Zn, Ni, and Co may be present at elevated 
concentrations at near-neutral pH. 
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2.2 Experimental Procedure 
Five batch aeration experiments (Figure 1) were conducted in 40-L insulated 
containers filled with 36 L CMD from the Oak Hill Boreholes mine discharge (Table 
A.1).  Three of the experiments involved aeration at different rates (Aer 1: 12.6 ml/s; Aer 
2: 16.8 ml/s; Aer 3: 25.0 ml/s) by bubbling air through porous stone diffusers immersed 
in the CMD.  For comparison, a control with no mechanical aeration or chemical 
addition, and a hydrogen-peroxide (5 ml of 3% H2O2) treatment were also monitored.  
The temperature, pH (using a YSI gel-filled electrode), specific conductance (SC), 
oxidation reduction potential (ORP), and DO were recorded at 1 minute intervals.  The 
pH was also measured during alkalinity analysis using a Ross Orion electrode to 
compensate for YSI electrode drift and time between sampling and Orion pH 
measurements.  For consistency with Cravotta (2015), observed pH values were 
estimated as follows: for Aer 1 the negative log of the average [H
+
] from the Orion and 
YSI electrodes is used, for Aer 2 the Orion electrode pH is used, and for Aer 3 the YSI 
electrode pH is used.  Eh was calculated from ORP using the temperature correction 
method set forth in Nordstrom (1977).  Serial samples collected over the 5 to 5.5 hour 
batch experiments were filtered on-site (0.45 μm, Whatman P/P), acidified to a pH of 2 in 
the field using HNO3, and analyzed at Lehigh University using an Inductively Coupled 
Plasma Mass Spectrometer (ICP-MS, ThermoElemental X-Series, Winsford, UK) for 
dissolved cation concentrations.  Analytical error was determined by analyzing U.S. 
Geological Survey standard reference water samples.  This analytical error analysis and 
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the difference in concentrations of metal species between batch experiments were used to 
create error bars, placing an estimate on errors in the measured values. 
 
Figure 1 CMD treatment methods used for batch experiments 
 
2.3 Geochemical Modeling 
2.3.1 PHREEQC 
A coupled model of kinetic reactions (O2 ingassing, CO2 outgassing, and Fe
II
 
oxidation) and surface complexation (Zn and Al adsorption) was created using 
PHREEQC version 3.1.7 (Parkhurst and Appelo, 2013).  The kinetic model was 
calibrated by Cravotta (2015) to fit the data for pH, Fe
II
, dissolved O2 and CO2, and 
alkalinity measured during the aeration experiments described in this paper by applying 
1
st
-order rate equations for O2 ingassing and CO2 outgassing and the pH-dependent 
homogeneous Fe
II
 oxidation rate law: 
   -d[Fe
II
]/dt = k[Fe
II
][O2][H
+
]
-2
    (1) 
 
where k is the rate constant (Singer and Stumm, 1970; Stumm and Morgan, 1996).  The 
simulated pH varies in response to CO2 outgassing and Fe
II
 oxidation plus aqueous 
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speciation (e.g. HCO3
-
 = CO2 + OH
-
) and precipitation (e.g. Fe
3+
 + 3 OH
-
 = Fe(OH)3) 
reactions.  For this paper, the model was expanded to include surface-complexation 
reactions between dissolved Zn, Al, and HFO or HAO.  The HFO surfaces available for 
trace-metal adsorption accumulate as Fe
II
 is oxidized and amorphous Fe(OH)3 
precipitates to maintain equilibrium.  Likewise, HAO surfaces may accumulate as 
amorphous Al(OH)3 precipitates.  Two types of adsorption sites (strong and weak) on 
HFO (Dzombak and Morel, 1990) and one type of adsorption site on HAO (Al(OH)3(a)) 
(based on the surface parameters for gibbsite given in Karamalidis and Dzombak, 2010) 
were included.  Thermodynamic data for aqueous speciation and solubility calculations 
were obtained from an extended PHREEQC database (Parkhurst and Appelo, 2013) 
(Table A.2).   
The PHREEQC adsorption model was based on the diffuse double-layer surface-
complexation equilibrium model (Dzombak and Morel, 1990) with the average 
concentrations in the diffuse layer calculated using the Donnan option (Parkhurst and 
Appelo, 2013), multiple binding sites on surfaces, and surface precipitation.  The surface 
area of HFO was specified as 5.33x10
4
 m
2
/moleHFO (600 m
2
/g as FeOOH) with 0.005 
molesites/moleHFO strong sites, and 0.2 molesites/moleHFO weak sites (Dzombak and Morel, 
1990).  The surface area of HAO was specified as 2.495x10
3
 m
2
/moleHAO (32 m
2
/g) with 
0.033 molesites/moleHAO (Karamalidis and Dzombak, 2010).  Although not included in 
Dzombak and Morel (1990), equilibrium constants for Al adsorption on strong and weak 
sites on HFO were estimated and included in the calibrated kinetic-adsorption model with 
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the Cr
3+
 model (Dzombak and Morel, 1990) adapted for Al
3+
 (Charles A. Cravotta III, 
personal communication; Table A.2).  
The kinetic-adsorption model permits evaluation of the effects of variables 
controlled by kinetic processes, such as pH and accumulation of HFO, combined with 
those controlled by instantaneous equilibrium processes, such as aqueous speciation and 
trace-metal adsorption.  Measured anion, cation, pH, alkalinity, and temperature data 
along with the previously calibrated rate constants for CO2 outgassing, O2 ingassing, and 
homogeneous Fe
II
 oxidation (Cravotta, 2015) were used as initial conditions for the 
simulation of the three aeration test results.  Sensitivity analysis for the kinetic-adsorption 
model was conducted to determine the relative effects on dissolved Zn and Al 
concentrations resulting from variable HFO surface area, the number of strong and weak 
sites, and equilibrium constants for adsorption on strong and weak sites.  Coprecipitation 
of Zn and Al with HFO (proportional removal with Fe
III
) was evaluated by incorporating 
Zn and Al as trace components in the HFO formula (e.g., Fe0.9985Al0.0009Zn0.0009(OH)3)  
(Charles A. Cravotta III, personal communication) (Table A.2).  With respect to the 
surface parameters, surface area was decreased by 10x and increased by 100x and 
10,000x to determine the influence of HFO surface area on Zn and Al adsorption.  The 
number of strong and weak sites were decreased by 10x and increased by 5x and 10x.  
Likewise, to evaluate the effects of competing cations on Zn and Al adsorption, and 
address any uncertainty in observed values, the initial concentrations of Fe and Zn were 
increased and decreased by 0.25x and 0.5x, and the concentrations of Al and Mn were 
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increased and decreased by 0.5x (encompassing all variation in initial values, Table A.1) 
in the initial solution for the PHREEQC kinetic-adsorption model.   
 In addition to the kinetic-adsorption model, whereby the HFO surface increased 
with oxidation of Fe
II
, a constant-surface model in PHREEQC was used to (1) estimate 
the fractions of Zn and Al species that may be adsorbed to sites on HFO and HAO across 
a pH range of 6.0 to 8.5, and (2) to determine the potential effect of increased pH and 
decreased CO2 and alkalinity (instead of increased surface area) on the change in 
dissolved Zn and Al concentrations.  As with the kinetic–adsorption model, a two-layer 
model (Dzombak and Morel, 1990) was used with multiple binding sites on surfaces and 
surface precipitation using equivalent values for surface area and site density for HFO 
(Dzombak and Morel, 1990) and HAO (Karamalidis and Dzombak, 2010).  
 
2.3.2 Eh-pH diagram in Act2 Geochemist’s Workbench 
As Fe
II
 is oxidized to Fe
III
, the Eh (pe) is expected to increase because the Pt 
electrode used to measure Eh responds to the couple: 
    Fe
2+
 → Fe3+ + e-      (2) 
Assuming solubility equilibrium with HFO (e.g. amorphous Fe(OH)3), then the dissolved 
Fe
III
 concentration is determined by the equilibrium: 
   Fe
3+
 + 3H2O → Fe(OH)3 + 3H
+
    (3)
 
Hence, the sum of the two previous reactions describes the observed oxidation and 
precipitation processes during the H2O2 and aeration experiments:  
   Fe
2+
 + 3H2O → Fe(OH)3 + 3H
+
 + e
-
    (4) 
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For this combined reaction, the relation among Fe
2+
, redox potential, and pH can be 
described as:  
   pe = -pK + pFe
2+
 - 3 pH     (5) 
where K is the equilibrium constant.  Hence, as pH increases with constant Fe
2+
, pe will 
decrease.  The decreased Eh with increased pH is consistent with typical Eh-pH data for 
CMD collected over a wide range of pH (Cravotta, 2008b, Figure 6), where most data for 
Eh and pH trend along the boundary between stability fields for HFO and aqueous Fe
II
.  
As the concentration of Fe
II
 decreases (pFe
II
 increases), the boundary shifts to higher Eh 
for a given pH, consistent with the gradual increase in Eh after most Fe
II
 had oxidized.  
Nevertheless, the interpretation of the relation between Fe redox state and the measured 
Eh can be ambiguous as explained by Nordstrom (2011), particularly, for solutions in 
which Fe
III
 is less than 3% of the dissolved Fe or where dissolved Fe is less than 10
-5.5
 M 
(0.18 mg/L).   
Eh-pH end member diagrams of the equilibrium Fe species and minerals were 
calculated using Geochemist’s Workbench Act2 version 10.0.4 (Bethke and Yeakel, 
2014) with the PHREEQC database.  The Eh-pH end-member diagrams were used to 
indicate potential for changing mineral predominance throughout the experiments based 
on: (1) the initial geochemical conditions for the batch experiments (pFe = 3.45, pSO4
2-
= 
2.38, pCO2 = 1.2), and (2) the geochemical conditions at the end of the Aer 3 experiment 
(pFe = 6.22, pSO4
2-
= 2.38, pCO2 = 3.11) to investigate the changing solid phase stability 
fields during aeration.  The database was expanded to include thermodynamic parameters 
for schwertmannite (Fe8O8(OH)4.8(SO4)1.6)) (Table A.2).  Calculations were done for 
 74 
 
25°C at which the schwertmannite thermodynamic parameters are valid.  Siderite and 
melanterite were below saturation for a majority of the aeration experiments as calculated 
by the kinetic-adsorption model in PHREEQC and, thus, were suppressed.  Other Fe-
bearing minerals, such as hematite and jarosite, that may be supersaturated but have not 
been identified as precipitated phases at CMD discharge sites in Pennsylvania (Williams 
et al., 2002; Cravotta, 2005; Cravotta, 2008a, 2008b) also were suppressed.   
 
3 Results 
3.1 Water Quality 
The concentrations of dissolved Fe, Al, Mn, Zn, Co, Ni, and associated water-
quality parameters (pH, DO, Eh, alkalinity, specific conductance, pCO2) changed to 
different extents during the aeration experiments.  Substantial decreases in dissolved 
concentrations of Fe, Al, and Zn were observed for all of the aeration experiments 
(Figure 2A, 2B, 2D).  In contrast, minor changes were observed in total dissolved Mn, 
Ni, and Co concentrations over the course of the batch experiments (Figure 2C, 2E, 2F).  
Although the H2O2 treatment caused the most rapid changes in dissolved Fe and Al 
concentrations and pH, the overall changes in water quality were the most dramatic for 
Aer 3, which exhibited the greatest increases in pH and DO, and decreases in Zn, 
alkalinity, and CO2. 
Dissolved Fe exhibited the most rapid decreases in metal concentrations in the 
H2O2 batch, followed by Aer 3, Aer 2, Aer 1, and the control, in the order of highest to 
lowest aeration rate, respectively (Figure 2A).  Dissolved Fe concentration exhibited a 
 75 
 
100% decrease in H2O2 and Aer 3, a 92% decrease in Aer 2, a 67% decrease in Aer 1, 
and a 14% decrease in the control over the course of the experiment (Figure 2A).  The 
effect of aeration on dissolved Fe concentration was evident within 0.5 hours of the 
experiment, during which dissolved Fe concentration decreased by 12% in Aer 3, 4.2% in 
Aer 2, and 1.8% in Aer 1.  Although the first samples for chemical analysis were not 
taken until 15 minutes had elapsed, complete dissolved Fe removal during the H2O2 
experiment took place within the first few minutes, after which no substantial changes in 
Fe, pH, Eh, DO, or other water-quality constituents were observed.   
Observed decreases in dissolved Al concentration during the experiments 
followed a similar order, but different trends, as those for Fe, with the greatest rate and 
extent of removal exhibited by the H2O2 treatment, followed by greatest to least aeration 
rate (Figure 2B).  There was one outlier in the Aer 2 experiment at hour 1 that was 
approximately 30% greater than the concentration in the previous sample taken 15 
minutes earlier and was likely mislabeled; this value was ignored for interpretation.  
Comparing unfiltered and filtered samples, approximately 25% of the total Al was 
initially present in the dissolved phase (filtered samples), and both the total and dissolved 
Al concentrations generally decreased during the experiments.  The decreased 
concentrations of total Al and dissolved Al could result from the precipitation and settling 
of HAO and/or other solids containing Al (e.g. Nordstrom and Ball, 1986) and/or the 
coprecipitation or adsorption of Al by HFO as explained below.  The PHREEQC 
modeling indicated that all samples were undersaturated with respect to Al(OH)3(a) for the 
duration of the experiments.  Furthermore, although the initial CMD sample and early 
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samples for the aeration tests were supersaturated with respect to gibbsite and kaolinite, 
later samples with higher pH values were undersaturated with gibbsite and kaolinite.  
Thus, the extensive decreases in Al concentrations for the H2O2 and aeration experiments, 
to values below equilibrium with gibbsite or kaolinite, indicate an additional attenuation 
mechanism(s) could limit the dissolved Al concentration, such as coprecipitation or 
adsorption with HFO (e.g. Bertsch et al., 1991; Winland et al., 1991).   
Dissolved Zn exhibited decreases in concentration in the order Aer 3, Aer 2, Aer 
1, H2O2 treatment, and the control (Figure 2D).  Although Zn did not decrease for the 
control solution, the H2O2 treatment promoted removal of approximately 45% of the 
initial Zn during the first 0.5 hour, with no additional removal thereafter.  The general 
trends in Zn removal during the aeration tests followed those for Fe.  In Aer 3, Zn 
decreased by 81% within 2 hours, after which the solution reached a steady-state.  In 
contrast, the dissolved Zn concentrations in Aer 2 and Aer 1 did not reach steady-state 
conditions and continued to decrease for the duration of the experiments with a maximum 
removal of 71% in Aer 2 and 58% in Aer 1.    
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Figure 2 Ct/C0 (Table A.1) dissolved concentration for A) Fe, B) Al, C) Mn, D) Zn, E) 
Ni, and F) Co during batch aeration experiments with control, Aer 1, Aer 2, Aer 3, and 
H2O2 treatments with error bars based on analysis of U.S. Geological Survey standard 
reference water samples, and variation in concentrations between batch experiments  
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The overall trends and magnitude of change in dissolved metals concentrations 
are related to the changes in field-measured water-quality constituents (pH, SC, DO, and 
Eh) for the batch experiments, with the largest variation from initial conditions for water 
quality observed for the Aer 3 and H2O2 batches.  While there was some uncertainty in 
the absolute value of pH from the different electrodes used (Orion versus YSI electrode), 
the continuously logged data (YSI electrode) indicated the pH increased from 6.4 to 6.7, 
7.1, 7.6, and 8.1 for the control, Aer 1, Aer 2, and Aer 3, respectively, and decreased 
from 6.4 to 6.3 for the H2O2 treatment (Figure 3A).  The aeration batches exhibited an 
interim plateau in pH at approximately 1 hour, 1.5 hours, and 2 hours for Aer 3, Aer 2, 
and Aer 1, respectively.  These interim plateaus correspond to pH values that favored Fe
II
 
oxidation with corresponding decreases in dissolved Fe, and are hypothesized to be the 
result of H
+
 ions released through Fe
III
 precipitation.  After Fe
II
 oxidation and Fe
III
 
precipitation were complete, the pH continued to rise due to continued CO2 outgassing.   
Figure 3B shows the change in pCO2 (-log Pco2) with time for each experiment.  
The largest changes were observed for the aeration batches, with higher aeration rates 
resulting in more rapid outgassing of CO2, greater pH, and lower concentration of CO2.  
The Aer 3 batch reached a second pH plateau at hour 3.5 (Figure 3A), possibly due to 
calcite supersaturation (SI > 0.3) and precipitation at pH 7.75, with the release of H
+
 ions 
(Ca
2+
 + HCO3
-
 = CaCO3 + H
+
) buffering the pH.   
The H2O2 and control treatments, which were gently stirred only when sampled, 
exhibited small increases in DO from approximately 11 and 20% saturation (1.1 and 2.0 
mg/L), respectively, to approximately 20 and 30% saturation (1.9 and 3.0 mg/L), 
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respectively, during the batch experiments.  In contrast, the aeration treatments exhibited 
a rapid rise followed by steady state DO concentrations of 80 to 100% saturation while 
the pumps were active.  For example, DO increased in Aer 2 and Aer 3 to a steady-state 
of approximately 100% saturation by hour 5 and hour 1, respectively (Figure 3C).  Aer 1 
also exhibited an increase in DO, but the concentration was still rising approximately 5 
hours into the experiment when the DO was 86% saturation.  A decrease in DO to a 
lower steady state of about 80% saturation took place in Aer 3 at approximately 3.75 
hours into the experiment when the aerator was turned off to permit settling of HFO; all 
dissolved Fe
II
 in Aer 3 had been oxidized prior to this point in the experiment (Figure 
2A).   
The change in specific conductance (SC) during the batch experiments 
corresponded to the removal of dissolved Fe and, to a lesser extent, CO2.  For example, 
while the SC of the control treatment remained relatively stable for the duration of the 
experiment, the SC of the H2O2 treatment exhibited a sharp decrease (971 to 933 S/cm 
in one minute) (Figure 3F) corresponding with the H2O2 addition and the rapid decrease 
in dissolved Fe concentration (Figure 2A).  The SC of the aeration treatments decreased 
from approximately 990 to 955 and 963 S/cm for Aer 2 and Aer 1, respectively, and 
from 974 to 930 S/cm for Aer 3 over the course of the experiments.  A slightly larger 
decrease in specific conductance was observed in Aer 3 compared to the H2O2 treatment 
potentially because while both treatments exhibited similar decreases in dissolved Fe, the 
Aer 3 treatment also exhibited a decrease in CO2 (Figure 3B) and the corresponding 
alkalinity and aqueous species such as HCO3
-
, as a result of outgassing during aeration.   
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Alkalinity exhibited small decreases during the experiments (Figure 3E) due to its 
consumption as Fe
II
 oxidized and precipitated as HFO:  
  Fe
2+
 + 0.25 O2 + 0.5 H2O + 2 HCO3
-
 → Fe(OH)3 + 2 CO2         (6) 
The largest changes in alkalinity occurred in the Aer 3 and H2O2 batches.  The decrease 
in alkalinity observed in the H2O2 experiment corresponds with the rapid removal of 
dissolved Fe from solution and drop in pH observed at the start of the experiment.  In 
contrast to the H2O2 treatment, in Aer 3 an increase in pH accompanied the slow decline 
in alkalinity concentrations, indicating the pH increase during CO2 outgassing and the 
alkalinity concentrations were sufficient to compensate for proton release during Fe 
oxidation and hydrolysis.  The Aer 1, Aer 2, and control batches exhibited smaller 
changes in alkalinity because the Fe oxidation and precipitation occurred at slower rates 
for these treatments; the hydroxyl production associated with CO2 outgassing was 
commensurate with the slow rate of proton release from Fe
III
 hydrolysis.   
The H2O2 treatment exhibited a dramatic increase in Eh from 0.18 V to 0.55 V 
during the first 15 minutes of the experiment, and then stabilized at approximately 0.55 V 
(Figure 3F).  In contrast, the control exhibited relatively constant Eh, while Aer 1, Aer 2, 
and Aer 3 exhibited declines in Eh within the first 2 hours of the experiment to 
approximately 0.14, 0.12, and 0.10 V, respectively, with faster rates of decline and lower 
minimum values associated with greater aeration rate.  After the dissolved Fe
II
 had been 
completely oxidized in the aerated systems, the Eh for Aer 3 and then Aer 2 began to 
increase and approach the initial Eh value.   
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Figure 3 Changes in water-quality parameters in the control, Aer 1, Aer 2, Aer 3, and 
H2O2 treatments: A) pH (lines indicate continuously logged data (YSI gel-filled 
electrode), symbols indicate the field-measured pH of water samples (Orion Ross 
electrode)), B) pCO2 (-log (atm)), calculated from water samples), C) DO (% saturation, 
continuously logged), D) specific conductance (S/cm, continuously logged), E) 
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alkalinity (mg/L as CaCO3, measured in water samples), and F) Eh (V, continuously 
logged)  
 
An Eh-pH diagram was created in Act2 in Geochemist’s Workbench (Figure 4) to 
assess the evolution of the dominant Fe species during the five batch experiments.  The 
thin lines refer to the predicted mineral stability fields at the initial geochemical 
conditions (pFe = 3.45, pCO2 = 1.2, pSO4
2-
 = 2.38), and the bold lines refer to the 
geochemical conditions present at the end of the Aer 3 experiment (pFe = 6.22, pCO2 = 
3.11, pSO4
2-
 = 2.38) to determine the effect of Fe
II
 oxidation and CO2 outgassing on the 
stability range of ferrihydrite.  As expected, a decrease in Fe
II
 concentration results in the 
Fe
2+
 range shifting up on the y-axis to higher Eh values.  Fe
2+
 and ferrihydrite are the 
dominant Fe species for the control, H2O2, and aeration experiments.   
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Figure 4 Eh-pH diagram of dominant Fe species stability fields calculated by 
Geochemist’s Workbench Act2 at 25°C for the control, Aer 1, Aer 2, Aer 3, and H2O2 
treatments.  The thin lines indicate the initial geochemical conditions (pFe = 3.45, pCO2 
= 1.2, pSO4
2-
 = 2.38) and the bold lines indicate the geochemical conditions at the end of 
the Aer 3 experiment (pFe = 6.22, pCO2 = 3.11, pSO4
2-
 = 2.38).  The gray shaded region 
corresponds to the Fe
2+
 and FeHCO3
+
 aqueous fields at the initial conditions. 
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3.2 Calibration of Kinetic-Adsorption Model  
The kinetic-adsorption model was used to determine the potential effects of 
changing pH, dissolved CO2, and HFO concentration on dissolved Zn and Al 
concentrations.  The model was extended to include Al adsorption to HFO based on an 
assessment of the controls on dissolved Al concentration for the Aer 3 experiment 
(Figure 5): solubility control by Al(OH)3(a), gibbsite, and kaolinite, coprecipitation with 
HFO, and adsorption to HFO.  The combination of Al(OH)3(a) solubility and Al 
adsorption on HFO produced the closest fit to the observed dissolved Al concentrations, 
including both the initial decrease in dissolved Al and the later increase, and therefore 
was included in the calibrated model.  Al(OH)3(a) was below saturation for the duration of 
the experiment (Figure 5C) and solubility controls by Al(OH)3(a) alone over-predicted 
dissolved Al concentration compared to the observed values (Figure 5A).  Gibbsite was 
initially oversaturated but decreased below saturation with increasing pH over the course 
of the experiment (Figure 5B).  Kaolinite saturation initially decreased then exhibited an 
increase later in the experiment.  Kaolinite and gibbsite solubility controls on dissolved 
Al concentration under-predicted the dissolved Al concentration compared to the 
observed values, with the largest discrepancy in observed versus modeled values seen in 
the first hour of the experiment.  Although the model does not include direct kinetic 
controls on Al(OH)3(a), gibbsite, or kaolinite formation, it does consider pH as affected by 
CO2 outgassing and Fe
II
 oxidation.  While the inclusion of Al coprecipitation with HFO 
improves the model fit to the observed values in the initial portion, Al coprecipitation 
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under-predicts Al concentration in the later portion of the experiment, thus, some 
combination of coprecipitation and adsorption is likely. 
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Figure 5 Observed dissolved Al concentration from Aer 3 with model-predicted dissolved 
Al concentration under different geochemical controls: A) Al(OH)3(a), gibbsite, and 
kaolinite solubility with Al adsorption (Al adsorption to strong sites on HFO  
log k = 1, weak sites log k = -2.1) and without Al adsorption, and Al coprecipitation with 
HFO, B) SI of Al(OH)3(a), gibbsite, and kaolinite across pH in Aer 3 samples computed 
by PHREEQC, and C) Al(OH)3(a), gibbsite, and kaolinite over time in Aer 3 samples 
computed by PHREEQC.  Dotted lines in B and C indicate where SI was not calculated 
due to lack of dissolved Al in samples 
 
A sensitivity analysis of the surface characteristics was conducted using the 
observed initial geochemical conditions in Aer 3 (Table A.1) to calibrate the model and 
determine the effect of these different parameters on the modeled Zn and Al adsorption 
(Figure 6).  With respect to the surface properties, increasing the surface area or the 
number of strong or weak sites resulted in a greater removal of dissolved Zn compared to 
the original modeled parameters, and improved fit of the model to the early portion 
(initial decrease) of the observed data (Figures 6A, 6B, 6C).  Decreasing the surface area 
had no effect on the percentage of Zn removed by the end of the model run, while 
decreasing the number of strong or weak sites resulted in a decrease in the percentage of 
Zn removed (Figures 6B, 6C).  The same factor increase or decrease in the number of 
weak sites had a larger effect on the percentage of Zn removed compared to an increase 
or decrease in strong sites because there were 40 times more weak sites available than 
strong sites.  In general, adjustments in the log k values for both strong and weak 
 88 
 
adsorption sites had a larger effect on the later flat line portion of the Zn concentration 
than the initial curve portion (Figure 6D).  Similar to the number of strong and weak 
sites, adjustments to the weak sites log k value had a larger effect on the total Zn removed 
than that for the strong sites.  The addition of coprecipitation of Zn and Al with HFO 
substantially improved the model fit to the observed values (Figure 6E); therefore, Zn and 
Al coprecipitation and adsorption were included in the calibrated model.   
In contrast to Zn, changes in the HFO surface parameters such as increasing 
surface area or the number of strong or weak sites only slightly improved the model fit to 
the earlier portion of the Al data (initial decrease in Al concentration), but worsened the 
model fit to the later portion of the data (desorption of Al after hour 3) (Figures 6F-H).  
Furthermore, the addition of co-precipitation of Al with HFO did not have a large effect 
on the model fit to the observed results: Zn coprecipitation to HFO did not result in any 
change to the model results, while the addition of Al coprecipitation with any proportion 
of Zn co-precipitation resulted in a slightly lower predicted Al concentration after hour 3, 
suggesting that co-precipitation could have limited Al desorption (Figure 6J).   
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Figure 6 Sensitivity analysis in PHREEQC of the controls on Zn adsorption on HFO by 
A) surface area, B) weak surface sites, C) strong surface sites, D) log k values, and E) 
coprecipitation (Ct/C0, Aer 3 initial dissolved Zn = 55 μg/L), and the control on Al 
adsorption (calibrated assuming Al(OH)3(a) solubility control and adsorption) on HFO by: 
F) surface area, G) weak surface sites, H) strong surface sites, I) log k values, and J) 
coprecipitation (Ct/C0, initial Aer 3 dissolved Al =47 μg/L) 
 
3.3 Application of Kinetic-Adsorption Model  
Only the apparent rate constants for O2 ingassing, CO2 outgassing, and Fe
II
 
oxidation were varied to simulate the different aeration effects for Aer 1, Aer 2, and Aer 
3; the values of these rate constants had been previously determined by Cravotta (2015) 
to yield simulated values of Fe
II
, pH, pCO2, pO2, and alkalinity that were comparable to 
measured values.  For the current effort, the kinetic-adsorption model was further 
calibrated by including adsorption parameters for Al on HFO and Zn on HFO and HAO, 
and Zn and Al coprecipitation (0.09% Zn and Al, Fe0.9985Al0.0009Zn0.0009(OH)3) based on 
the results from the sensitivity analysis (Figure 6).  The initial solution chemistry, HFO 
and HAO surface characteristics, and equilibrium constants for aqueous and surface 
complexation reactions were assumed to be constant at the values set forth by Dzombak 
and Morel (1990) and Karamalidis and Dzombak (2010) for the preliminary model 
results shown in Figure 7.  The preliminary results from the calibrated model were 
comparable, in magnitude and trend, to the observed data on Fe, Zn, and Al for all three 
aeration rates.  The Fe concentration exhibited small deviations from the observed Aer 3 
 91 
 
results between hours 0.5 and 1, and hours 1.5 and 2.  For Aer 1 and Aer 2, the model 
slightly overestimated the dissolved Fe concentration between hours 1.5 and 2.5, and 
underestimated the dissolved Fe concentrations between hours 3 and 5.  The model 
produced the closest fit to the observed pH data for Aer 3, with slightly greater deviations 
in model results compared to observed pH for Aer 1 and Aer 2.  Furthermore, of the three 
aeration treatments, the model produced a relatively close fit to the Aer 3 observed data 
for alkalinity (Figure 7E).  However, while the model was in agreement with the 
observed pH for Aer 3 for the first 2 hours of the experiment, the model slightly 
underestimated the pH between hours 2.5 and 4 (Figure 7C).  When adsorption was 
removed from the model, Aer 3 reached the second pH plateau approximately 0.5 hours 
faster than when adsorption was included.  The lower pH calculated when adsorption was 
included in the model resulted from the release of H
+
 as cations adsorb to HFO, for 
example:   
HFO-OH + Zn
2+
 = HFO-OZn
+
 + H
+
   (7) 
The release of H
+
 during adsorption also contributed to the lower alkalinity predicted 
when adsorption was included in the model.   
The model also replicated the measured initial decrease and subsequent increase 
in dissolved Al concentration in Aer 3 starting at approximately hour 3.  The plateau in 
the Al concentration curve for Aer 3 starting at hour 4 was caused by calcite 
supersaturation and the onset of calcite precipitation, which depressed pH in the model; a 
similar plateau was seen at this point in the model run for the Aer 3 pH.  In contrast to Al, 
the model slightly underpredicted the initial dissolved Zn removal (Figure 7C) but was 
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within 5% of the observed total removed dissolved Zn at the end of Aer 3, the only 
aeration experiment to reach steady-state in terms of dissolved Zn concentration.  This 
underprediction may indicate that changes in HFO surface parameters during flocculation 
that were not replicated by the model (i.e. differences in HFO surface area in the early 
stages of flocculation) occurred over the course of the experiment.  The model was in 
agreement with the observed Zn results for Aer 2, and initially overestimated Zn 
concentration for the Aer 1 experiment.  
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Figure 7 Preliminary model results based on variation in constants for O2 ingassing, CO2 
outgassing, and Fe
II
 oxidation to simulate the different aeration effects for Aer 1, Aer 2, 
and Aer 3, with observed values for Aer 1, Aer 2, and Aer 3, and modeled values based 
on the initial solution chemistry for each batch experiments (Table A.1) from the 
calibrated kinetic-adsorption model in PHREEQC for: A) dissolved Fe (Ct/C0), B) 
dissolved Al (Ct/C0), C) dissolved Zn (Ct/C0), D) pH, and E) alkalinity (mg/L as CaCO3)   
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The influence of initial water quality on Zn and Al adsorption was assessed using 
the calibrated kinetic-adsorption model and moderate variation in the initial Al, Fe, Mn, 
and Zn concentrations to address any uncertainty in measurements in this study because 
values for some species varied between batch experiments, and to determine the effect of 
variation in concentrations on Zn and Al adsorption.  With respect to Al, Fe, Mn, and Zn, 
an increase or decrease in initial concentration yielded different responses from the model 
(Figure 8).  For example, a 0.5x increase or decrease in initial dissolved Al concentration 
had no effect on dissolved Zn concentrations, while a 0.5x increase in the initial dissolved 
Fe concentration increased the predicted Zn removal by approximately 7%.  A decrease 
in the initial Mn concentration resulted in a slightly greater dissolved Zn removal, 
potentially due to decreased competition for surface sites by decreasing the concentration 
of Mn available to adsorb on HFO (Figure 8C) which suggests adsorption site limitation.  
Increasing the initial Zn concentration had minimal effects on the percent of dissolved Zn 
removed (Figure 8D), while a 0.5x decrease in initial Zn increased the percent of 
dissolved Zn removed at the end of the model run by 8%.  Al adsorption to HFO was 
largely unaffected by changes in the initial water chemistry, with the exception of 
changes in the initial dissolved Fe concentration (Figure 8E-H).  Similar to Zn, an 
increase in Fe concentration resulted in a greater removal of dissolved Al compared to the 
original model parameters, while a decrease in Fe resulted in a predicted increase in the 
extent of Al desorption in the later portion of the experiment. 
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Figure 8 Results from the calibrated kinetic-adsorption model for dissolved Zn 
concentration (Ct/C0) with variation in initial concentration of: A) Al concentration, B) Fe 
concentration, C) Mn concentration, and D) Zn concentration, and results from the 
calibrated kinetic-adsorption model for dissolved Al concentration (Ct/C0) with variation 
in initial concentration of: E) Al concentration, F) Fe concentration, G) Mn 
concentration, and H) Zn concentration 
 
 
3.4 Effect of pH and CO2 on Speciation of Zn and Al  
 Theoretical changes in speciation of Zn and Al with increased pH and two CO2 
end-members (pCO2 = 1, 3.4) are shown in Figure 9 as calculated by the constant-surface 
equilibrium model in PHREEQC.  The constant CO2 condition assumed for the constant-
surface equilibrium model is not consistent with experimental results (initial pCO2 = 1.2, 
final pCO2 = 3.1 for Aer 3), but is useful to show the effect of CO2 on aqueous speciation 
and adsorption.  For the elevated CO2 end-member (pCO2 = 1), as pH increased, the mole 
fractions of dissolved Zn
2+
 and ZnSO4
0
 decreased and the mole fractions of ZnCO3
0
, 
ZnHCO3
+
, and Zn(CO3)2
2-
 increased (Figure 9A).  Above approximately pH 7.5, 
Zn(CO3)2
2-
 was the dominant aqueous Zn species.  The mole fraction of Zn adsorbed on 
HFO sites increased slightly to a maximum of 0.06 at pH 7; however, by pH 8 the Zn 
adsorbed to HFO sites constituted less than 0.01 mole fraction and Zn(CO3)2
2-
 formation 
was favored. 
For the low CO2 end-member (pCO2 = 3.4), a larger mole fraction of Zn was 
predicted to absorb to HFO for any given pH, with a maximum mole fraction of 0.38 at 
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approximately pH 7.5 (Figure 9B).  Above this pH, the model predicted a decrease in the 
mole fraction of Zn adsorbed to HFO due to the formation of aqueous Zn-carbonate 
complexes (ZnHCO3
+
, ZnCO3
0
, Zn(CO3)2
2-
), suggesting desorption may occur.  The 
potential for aqueous Zn-carbonate complex formation was generally limited to above pH 
7.5, and these species did not constitute a majority of Zn species until above pH 8.  Over 
the course of the experiment, Aer 3 exhibited the largest increase in pH (Figure 3A), and 
decrease in CO2 (Figure 3B) and dissolved Zn concentration (Figure 2D).  An increase in 
pH and decrease in CO2 corresponded with the model-predicted increase in Zn adsorbed 
to HFO sites.  Aer 2 and Aer 1 exhibited smaller increases in pH, and smaller decreases 
in CO2 and dissolved Zn compared to Aer 3; the lower pH and higher CO2 correspond to 
a lower predicted mole fraction of Zn adsorbed to HFO (Figure 9A).  Conversely, the pH 
for the H2O2 treatment decreased and CO2 was not outgassed, which corresponded to a 
predicted decrease in the mole fraction of Zn adsorbed on HFO sites, and an increase in 
the mole fraction of Zn in solution.  Other Zn species considered but that did not 
constitute greater than 0.05 mole fraction of Zn speciation at any given pH include: Zn 
adsorbed on HAO sites,  ZnOH
+
, Zn(OH)3
-
, Zn(OH)4
2-
, and Zn(SO4)2
2-
.   
In contrast to Zn, the constant-surface model predicted nearly all Al was adsorbed 
on HFO sites between pH 6 and 7.5, and Al adsorbed on HFO sites decreased above pH 
7.5 (Figure 9C, 9D) for both the elevated and low CO2 end-members.  The decrease in 
adsorption potential above pH 7.5 was due to the formation of Al(OH)4
-
, and may explain 
why dissolved Al increased in the Aer 3 experiment at hour 3, at which time the pH had 
increased above 7.5.  By pH 8.5 approximately all Al was in the form of Al(OH)4
-
.  
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Similar to Zn, this suggests Al desorption may occur above pH 7.5.  However, a sharper 
decrease in potential for Al adsorbed to HFO was observed for the low (pCO2 = 3.4) 
compared to the elevated (pCO2 = 1) CO2 end-member.  This may be due to increased 
adsorption of other ions such as Zn to HFO in that pH range as the formation of aqueous 
carbonate species with metal cations was limited as a result of CO2 outgassing.  Other 
species considered but that did not constitute more than 0.05 mole fraction of Al 
speciation include: Al
3+
, Al(OH)2
+
, Al(OH)3
0
, AlOH
2+
, Al(SO4)2
-
, AlHSO4
2+
, and 
AlSO4
+
. 
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Figure 9 Speciation across pH 6 to 8.5 with constant surface characteristics for HFO and 
HAO calculated by the constant surface equilibrium model in PHREEQC using the initial 
solution chemistry for Oak Hill Boreholes from Aer 3 (Zn = 55 μg/L, Al = 47μg/L, Table 
A.1), the calibrated parameters for Al adsorption to HFO, and two end-members 
representing before and after CO2 outgassing (pCO2 = 1, alkalinity = 150 mg/L as 
CaCO3, and pCO2 = 3.4, alkalinity = 100 mg/L as CaCO3, respectively) for A) Zn before 
CO2 outgassing B) Zn after CO2 outgassing, C) Al before CO2 outgassing, and D) Al 
after CO2 outgassing 
 
The calibrated kinetic-adsorption model was run with and without CO2 outgassing 
to show the combined effects of CO2 outgassing and pH increase over the course of the 
experiment.  Speciation during the Aer 3 experiment showed the decrease in dissolved Zn 
and Al concentrations during aeration and CO2 outgassing was explained by adsorption to 
strong and weak HFO sites, and coprecipitation with HFO (Figure 10).  When CO2 
outgassing was included in the model, in the first half hour of the experiment Zn
2+
, 
ZnSO4
0
, and ZnHCO3
+
 were the dominant Zn species, while the mole fractions of Zn 
adsorbed on HFO sites and Zn coprecipitated with HFO increased over time (Figure 
10A).  The mole fraction of total aqueous Zn-carbonate complexes (ZnCO3, ZnHCO3
+
, 
Zn(CO3)2
2-
) decreased over the course of the experiment from 0.16 to 0.07.   
During aeration and CO2 outgassing, Al adsorbed on HFO sites increased faster 
and to a higher mole fraction than that for Zn: the maximum mole fraction of Al adsorbed 
to HFO was approximately 1.0, reached at approximately 1 hour (Figure 10B).  Al 
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hydroxide species such as Al(OH)2
+
, and Al(OH)4
-
 were dominant in the first 15 minutes 
of the experiment, but as HFO surfaces were created, Al adsorption to HFO became the 
dominant species for the remainder of the model run.  However, at approximately hour 3, 
Al desorbed from HFO, with an increase in the mole fraction of Al(OH)4
-
.   
The CO2, alkalinity, and HCO3
-
 concentration in solution decreased throughout 
the model run when CO2 outgassing was included, with the most significant changes in 
these species observed within the first 3 hours (Figure 10C).  CO3
2-
 concentration 
increased slightly (0.02 to 0.77 mg/L) because the reaction:  
2HCO3
-
 → CO3
2-
 + CO2(g) + H2O    (8) 
proceeds to the right as CO2 outgasses and the pH increases.   
When CO2 outgassing was not included in the model, the mole fraction of total 
dissolved Zn decreased by only 0.13 through Zn coprecipitation, and the maximum mole 
fraction of Zn adsorbed to HFO sites was 0.01 (Figure 10D).  The minimal Zn 
coprecipitation and adsorption with HFO can be attributed to the pH decrease (pH 6.4 to 
6.3), high concentrations of carbonate species, and low Fe precipitation (Fe decreased 
from 19.7 to 13.2 mg/L) over the model run.  In contrast, without aeration, Al desorption 
from HFO did not occur (Figure 10E), and the alkalinity and CO2, CO3
2-
 and HCO3
-
 
concentrations exhibited little change (Figure 10F). 
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Figure 10 Equilibrium chemical speciation based on Aer 3 initial conditions with CO2 
outgassing: A) mole fraction dissolved Zn (Ct/C0), B) mole fraction dissolved Al (Ct/C0), 
and C) concentration (mg/L) of HCO3
-
, CO3
2-
, and CO2, and alkalinity (mg/L as CaCO3), 
and without CO2 outgassing (pCO2 = 1.2, based on Aer 3 observed values): D) mole 
fraction dissolved Zn (Ct/C0), E) mole fraction dissolved Al (Ct/C0), and F) concentration 
(mg/L) of HCO3
-
, CO3
2-
, and CO2, and alkalinity (mg/L as CaCO3), calculated by the 
calibrated kinetic-adsorption model in PHREEQC 
 
4 Discussion 
Differences in metal concentrations and other water-quality parameters were 
observed between the different treatment methods: aeration, H2O2, and control.  The 
largest changes in the chemical concentrations in the batch experiments were observed 
for Fe, Al, Zn, O2, and CO2 in the aeration experiments, and Fe and Al in the H2O2 
treatment.  The control exhibited small variations in Fe and Al concentrations and pH and 
no variation in concentrations of the other metal species of interest, or other water-quality 
parameters such as O2 or CO2 for the duration of the experiment.   
Negligible changes in concentrations of dissolved Mn, Ni, and Co in the batch 
experiments (Figures 2C, 2E, and 2F) are consistent with Cravotta (2007) which reported 
negligible change in Mn, Ni, and Co after 4.5 days of aeration of similar CMD.  These 
results are also consistent with minor adsorption of these cations by HFO at the pH 
evaluated (6.2 to 8.3) and imply that these constituents are not substantially attenuated by 
coprecipitation with HFO.  These cations tend to adsorb at relatively high pH on HFO 
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(e.g. Kooner, 1993; Cravotta, 2008b), but at lower pH on Mn oxides (Loganathan and 
Burau, 1973; Rose et al., 1979).  For Mn, despite studies showing decreases in Mn 
concentration with increasing pH in mine drainage (e.g., Lee et al., 2002), the 
concentration of Mn was unchanged because dissolved Mn
II
 was undersaturated with 
respect to Mn
II
 carbonates (rhodochrosite or manganous siderite), and slow oxidation 
kinetics of Mn
II
 at the pH of the experiments (<8.5; e.g. Stumm and Morgan, 1996) did 
not favor formation of Mn
III-IV
 oxides.  Additionally, Mn
II
 oxidation under environmental 
conditions tends to be mediated by microbes and influenced by oxide surface catalysis 
(e.g. Wilson, 1980; Morgan, 2005), which were not replicated in the experimental setup.   
  Adsorption to and/or coprecipitation with HFO were the most likely 
explanations for Zn and Al attenuation during the course of aeration tests.  The rate of Zn 
and Al removal in the aeration experiments was primarily a function of pH, which 
affected both the rate of Fe
II
 oxidation and the surface characteristics of HFO.  Surface 
sites for Zn and Al adsorption on HFO were created as Fe precipitated and pH increased.  
Thus, the maximum potential for Zn and Al to adsorb to HFO was predicted for 
approximately pH 7.5 by the constant-surface model in PHREEQC (Figure 9B, 9D), 
which is consistent with results reported by other studies that indicate the increased 
potential for metals to adsorb to Fe solids at increasing pH (e.g. Lee et al., 2002; Kairies 
et al., 2005).  Above approximately pH 7.5, Zn and Al desorption were predicted by the 
constant-surface model.  Such an effect was observed for Zn in Aer 3 with a slight 
increase in dissolved Zn after 3.5 hours as pH increased to above 8.  For Al in Aer 3, 22% 
of initially removed dissolved Al returned to solution between hours 2.5 and 5.5, during 
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which time pH increased from 7.6 to 8.1 (Figure 2B, 3A).  In contrast to the aeration 
experiments, the H2O2 treatment only removed a small percentage of dissolved Zn, most 
likely due to the lack of increase in pH throughout the experiment, limiting adsorption 
despite the availability of HFO surfaces created as all dissolved Fe was removed in the 
first 15 minutes (Figure 2A, 2D).  Similarly, decreases in Zn concentration were not 
observed in the control over the course of the experiment in which only a 0.3 pH unit 
increase was observed and no HFO formed.  The H2O2 treatment removed all dissolved 
Fe and Al, with no desorption observed because the H2O2 treatment remained in the 
optimal pH range for Al adsorption for the duration of the experiment (Figure 9C).  The 
control removed approximately 60% of dissolved Al, potentially due to the precipitation 
of Al(OH)3(a).    
While changes in pH can explain a large portion of the variation in dissolved Zn 
and Al concentrations during the batch experiments, the decrease in carbonate species 
during CO2 outgassing also played a role in controlling Zn concentration.  In the 
constant-surface model, the initial decrease in dissolved Zn followed by an increase over 
the pH range was the result of increased formation of aqueous Zn-carbonate complexes 
(e.g., ZnHCO3
+
, ZnCO3
0
, Zn(CO3)2
2-
, Figure 9A, 9B) which have lower charge compared 
to Zn
2+
, making them less attractive to negatively charged HFO surfaces.  The kinetic-
adsorption model showed that while Zn adsorption to HFO increased over the duration of 
the experiment, a portion of Zn remained in solution as aqueous Zn-carbonate complexes, 
and was not available to adsorb to or coprecipitate with HFO (Figure 10A).  While the 
increase in pH observed for Aer 3 could contribute to an increase in CO3
2-
 in solution 
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(Figure 10C), CO2 outgassing limited CO3
2-
 concentrations over the course of the 
experiment, limiting the formation of aqueous Zn-carbonate complexes (equation 8, 
Figure 9).  This indicates that while the pH increase promoted Zn adsorption, the CO2 
outgassing limited Zn desorption.   
While the kinetic-adsorption model produced a good fit to the Aer 3 dissolved Fe 
and Al concentrations, pH, and alkalinity data, the model-predicted Zn removal matched 
the shape of the observed data for Aer 3 but was shifted to the right, predicting a longer 
time frame for Zn removal than observed in the field.  Possible explanations include 
deviations from the standard surface parameters over the course of the experiment which 
was assessed by the sensitivity analysis, the formation of Zn solid phases, or Zn 
coprecipitation with Fe in the field experiment.  Zn oxides and hydroxides have been 
suggested as controls for Zn concentrations at metal contaminated sites (Carroll et al., 
1998; Eary, 1999), however; these solids were undersaturated at this site.  Other studies 
have suggested coprecipitation or adsorption of Zn with Al oxides (Coston et al., 1995; 
Lee et al., 2002; Munk et al., 2002) although Al(OH)3(a) was below saturation at this site, 
or calcite (Garcia-Sanchez and Alvarez-Ayuso, 2002; Elzinga et al., 2006).  Other 
possible solid phases include Zn silicates (Hem, 1972).  Evidence for coprecipitation of 
Zn and Fe was seen in the observed results: the minimal change in dissolved Zn 
concentration in Aer 3 after 2.5 hours corresponded to the point at which all dissolved Fe 
had been removed from solution.  At this point the pH had reached above 7.5 which was 
the peak in adsorption potential indicated by the constant-surface model (Figure 9).  The 
lack of further change in Zn concentration (approximately 19% of initial Zn remained in 
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solution) after all Fe had been removed from solution and despite optimal pH conditions 
suggests that coprecipitation of Zn with Fe was also an important removal pathway that 
was no longer occurring after all Fe had been precipitated.  Further evidence was 
suggested by the kinetic-adsorption model in which the inclusion of Zn coprecipitation 
with Fe improved the model fit to the earlier portion of the observed data (Figure 6E).   
The sensitivity analysis revealed that the kinetic-adsorption model was affected 
by variation in some parameters to a greater extent than others for both Zn and Al 
concentrations.  For example, increasing surface area resulted in a greater predicted 
removal of Zn (Figure 6A), indicating that controlling Fe particle size (e.g. Hove et al., 
2008) to form smaller particles could result in a greater percentage of Zn removed from 
solution, based on the reported inverse relationship between particle size and adsorption 
(Kim et al., 2011).  A larger surface area may also account for the offset between the 
model and the observed results for Zn concentration; for example, Hove et al. (2008) 
observed smaller diameter Fe flocs formed after 40 minutes of reaction time, compared to 
larger diameter flocs formed after 90 minutes of reaction time.  Small diameter flocs have 
a greater surface area per unit mass available for adsorption.  While the kinetic-
adsorption model maintained a constant surface area for HFO, an adjustable surface area 
that is greater in the early stages of the experiment would potentially partially account for 
the offset between the observed and modeled data.  Other parameters, such as increasing 
the number of strong and weak sites, and increasing the log k values for adsorption to 
strong and weak sites improved the model fit to the observed Zn concentrations, and 
resulted in minor changes in the modeled Al concentrations. 
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In addition to surface parameters, the influence of the initial Al, Fe, Mn, and Zn 
concentrations on Zn and Al adsorption was also assessed.  With the exception of 
decreasing the Zn concentration by 50%, or increasing and decreasing the Fe 
concentration by 50%, changing the initial concentration of these metal species did not 
have a large effect on the modeled results (Figure 8).  However, according to the model a 
decrease in the initial Mn concentration resulted in a small increase in the removal of Zn 
(Figure 8C), potentially due to a decrease in competition for surface sites on HFO.  The 
phenomenon of competition between multiple species when adsorbing on one surface has 
been observed by other studies (Gadde and Laitinen, 1974; Carroll et al., 1998; Trivedi 
and Axe, 2001; Xu et al., 2006), and while PHREEQC modeling shows that all 
adsorption sites were not filled for the duration of the experiment, the adsorption of 
multiple cations to the surface can change the overall charge of that surface, and 
influence the potential of other species to adsorb as well (Benjamin, 1983; Cowan et al., 
1991; Cornell and Schwertmann, 2003).   
The results from the field experiment and modeling suggest that the potential for 
dissolved Zn to be removed during mine drainage treatment varies with the extent and 
rate of Fe
II
 oxidation and HFO formation, pH, the concentration of carbonate species, and 
potentially the concentration of competing trace metals.  The pH was the controlling 
factor on Al removal; however the pH range for Al adsorption was lower than that for Zn 
adsorption and the increase in pH during aeration in this experiment eventually promoted 
Al desorption.  Sites that are net alkaline with near-neutral pH and contain high 
concentrations of trace metals such as Zn may benefit from the increase in pH and CO2 
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outgassing during aeration to decrease the trace-metal concentrations in solution.  
Conversely, sites where space constraints make construction of aeration cascades or 
ponds impractical and the Zn concentration does not pose a threat to aquatic life may 
benefit from chemical oxidation.    
 
5 Conclusions 
Knowledge of how different treatment options affect the removal of trace metals 
from CMD can be used to identify treatment strategies at sites where trace-metal 
discharge is a concern.  A series of 5 batch experiments was conducted to evaluate the 
effect of aeration and H2O2 addition on trace-metal removal.  Aeration of net alkaline 
CMD was found to be more effective than no treatment or H2O2 treatment at increasing 
pH and removing almost all dissolved Fe, while also decreasing the concentration of 
dissolved Zn.  While concentrations of Al initially decreased during aeration, a later 
increase in dissolved Al was observed with increasing pH.  In contrast to aeration, the 
H2O2 treatment resulted in almost complete removal of dissolved Fe and Al, a slight 
decrease in pH, but substantial concentrations of dissolved Zn remained under the 
conditions evaluated.  Thus, chemical oxidation without pH adjustment may be not be 
effective for treatment of Zn metal concentrations, but may be effective treatment for 
high Fe and Al concentrations.   
PHREEQC modeling indicated that the main removal pathway for Zn and Al in 
the aeration experiment was through adsorption to HFO, and the extent of adsorption was 
controlled primarily by pH.  Geochemical speciation by the kinetic-adsorption model 
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showed the aeration experiments resulted in CO2 outgassing, pH increase, and a decrease 
in the formation of negatively-charged aqueous Zn-carbonate complexes.  Therefore, 
aeration created a favorable environment for Zn adsorption to HFO.  However, the 
increase in pH promoted Al desorption over the course of the experiment.  A sensitivity 
analysis determined the model calculations of Zn and Al adsorption were responsive to 
changes in the HFO surface area, number of sites on HFO, and competition with other 
metal species for adsorption sites.  Future work may include modifying the model to 
include changing surface parameters over time to include factors such as the change in 
specific surface area or other characteristics of HFO during flocculation.   
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Appendix 
 
Table A.1 Initial chemical concentrations and water-quality parameters for the batch 
experiments 
Parameter Aer 1 Aer 2 Aer 3 H2O2 Control 
Fe (mg/L) 19.7 19.7 19.7 19.7 19.7 
Al (μg/L) 59 56 47 47 56 
Mn (mg/L) 3.6 3.6 3.6 3.6 3.6 
Zn (μg/L) 47 42 55 55 42 
Co (μg/L) 36 32 30 30 32 
Ni (μg/L) 42 37 34 34 37 
pH* 6.20 6.09 6.36 6.37 6.45 
DO (% Saturation) 16.5 16.8 27.7 11 19.7 
Specific Conductance (μS/cm) 991 989 974 971 992 
Alkalinity (mg/L as CaCO3) 150 150 150 150 150 
* For consistency with Cravotta (2015), for the model comparison to the observed values 
the negative log of the average [H
+
] from the Orion and YSI electrodes is used for Aer 1, 
the Orion electrode pH is used for Aer 2, and the YSI electrode pH is used for Aer 3 
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Table A.2. Thermodynamic data used for kinetic and sorption modeling with PHREEQC 
database 
Reaction Log k Reference 
O2 = O2(aq) -2.892  
 
Hfo_sOH + Al
3+
 + H2O = Hfo_sOAlOH
+
 + 
2H
+
 
1.0 Estimated for model 
calibration, this study 
Hfo_wOH + Al
3+
 + H2O = Hfo_wOAlOH
+
 + 
2H
+
 
-2.1 Estimated for model 
calibration, this study 
Hfo_sOH + Mn
2+
 = Hfo_sOMn
+
 + H
+
 -0.4 Dzombak and Morel, 1990 
 
Hfo_wOH + Mn
2+
 = Hfo_wOMn
+
 + H
+
 -3.5 Dzombak and Morel, 1990 
 
Hfo_sOH + Zn
2+
 = Hfo_sOZn
+
 + H
+
 0.99 Dzombak and Morel, 1990 
 
Hfo_wOH + Zn
2+
 = Hfo_wOZn
+
 + H
+
 -1.99 Dzombak and Morel, 1990 
 
Hfo_sOH + Ca
2+
 = Hfo_sOHCa
2+ 
 
4.97 Dzombak and Morel, 1990 
 
Hfo_wOH + Ca
2+
 = Hfo_wOCa
+
 + H
+ 
 
-5.85 Dzombak and Morel, 1990 
 
Hfo_wOH + Mg
2+
 = Hfo_wOMg
+
 + H
+ 
 
-4.6 Dzombak and Morel, 1990 
 
Hao_OH  + H
+
 = Hao_OH2
+
 7.17 Karamalidis and Dzombak, 
2010 
   
Hao_OH = Hao_O
-
 + H
+
 -11.18 Karamalidis and Dzombak, 
2010 
 
Hao_OH + Zn
2+
 = Hao_OZn
+
 + H
+
 -0.96 Karamalidis and Dzombak, 
2010 
 
Fe(OH)3 + 3H
+
 = Fe
3+
 + 3H2O 4.891 Parkhurst and Appelo, 2013 
 
Fe0.9985Al0.0009Zn0.0009(OH)3 + 3H
+
 = 
0.9985Fe
3+
 + 0.0009Al
3+
 + 0.0009Zn
2+
 + 3H2O 
4.891 Estimated for model 
calibration, this study 
Fe8O8(OH)4.8(SO4)1.6 + 20.8H
+
 = 8Fe
3+
 + 
1.6SO4
2-
 + 12.8H2O 
18 Bigham et al., 1996 
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Chapter 3 
Metals Removal and Stability as a Function of Coal-Mine Drainage Treatment 
Method 
Abstract 
Trace-metal removal from coal-mine drainage (CMD) can be achieved by 
adsorption and/or coprecipitation with the freshly created surfaces on precipitating Fe 
hydroxides.  The metal content and stability of the resulting precipitates may affect reuse 
of the recovered sludge, which optimally can defray operation and maintenance costs.  
The effect of pH, decarbonation, Fe precipitation rate and crystallinity, and sludge 
density on trace-metal removal efficiency was assessed for three treatment methods for 
net alkaline, circumneutral CMD.  Untreated water from the Oak Hill boreholes (~20 
mg/L Fe, pH 6.3) in the Southern Anthracite Coal Field in Pennsylvania, USA, was 
supplemented with additional dissolved Zn, and treated in laboratory batch experiments 
utilizing mechanical aeration, chemical oxidation (hydrogen peroxide, H2O2), and an 
untreated control until the dissolved Fe concentration was below 1 mg/L.  While the 
H2O2 treatment exhibited a substantially faster precipitation rate and generated a larger 
volume of sludge than the control, minimal differences in the final Zn and Al 
concentrations were observed between the control and H2O2 treatments.  Water-quality 
parameters including extent of pH increase (6.3 to 6.9 and 7.0, respectively), and changes 
in DO, alkalinity, and pCO2 were similar for the control and H2O2 treatments indicating 
that neither Fe precipitation rate nor sludge volume were significant factors in trace-metal 
removal.  In contrast, the aeration treatment exhibited a substantially larger increase in 
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pH (pH 6.3 to 8.4) and decrease in CO2 concentration, 92% removal of dissolved Zn, and 
an initial decrease in dissolved Al concentrations followed by an increase resulting in 
62% total removal of dissolved Al.  The CO2 outgassing and pH increase in the aeration 
treatment are the most likely factors explaining enhanced trace-metal removal.  
PHREEQC modeling can identify the optimal pH range during CO2 outgassing to 
optimize treatment for Zn and Al removal through adsorption to hydrous Fe
III
 oxides 
(HFO). 
Single extractions were conducted to determine the stability of Fe and Zn 
associated with the sludge formed in the different treatments.  The easily reducible 
fraction, which accessed the amorphous Fe and Mn oxyhydroxides, completely dissolved 
all Fe from the H2O2 treatment compared to the aeration and control treatments in which 
40% and 47% of Fe dissolved, respectively.  Fe precipitates formed in H2O2 treatment 
had lower stability and likely less crystallinity than precipitates formed in aeration or 
control treatments.  The lack of difference in trace-metal concentrations between the 
control and H2O2 treatments suggest that Fe crystallinity was not a significant factor in 
trace-metal removal.  Lack of complete dissolution of Zn in the easily reducible fraction 
(5 to 16% remaining) indicates potential for Zn removal through the formation of primary 
and secondary minerals such as Zn-silicates or coprecipitation with crystalline Fe and Mn 
solid phases. 
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Introduction 
While dissolved Fe, Mn, and Al tend to be the most abundant metal ions in coal-
mine drainage (CMD), trace metals such as Pb, Cu, As, Ni, Zn, Cr, Co, and As can also 
be present in significant concentrations that are toxic to aquatic life (Smith and Huyck, 
1999; Cravotta, 2008).  Therefore, consideration of trace-metal removal should be 
integral in treatment system design for sites in which the concentrations of metals are 
elevated.  Metals from mine drainage are primarily removed from solution through 
precipitation and subsequent deposition of Fe, Mn, and Al oxides, and the formation of 
secondary minerals (Kay et al., 2001; Lee et al., 2002).  Studies have identified 
adsorption and coprecipitation to hydrous Fe
III
, Mn
III-IV
, and Al oxides (HFO, HMO, and 
HAO, respectively) as the primary removal pathway for trace metals in CMD (Lee et al., 
2002; Kairies et al., 2005; Lee et al., 2007; Schemel et al., 2007).  However, the 
effectiveness of treatment systems in removing trace metals and the stability of the sludge 
(recovered solid material and interstitial water) can vary as a result of treatment system 
design (Dempsey and Jeon, 2001; Johnson and Hallberg, 2005; Kairies et al., 2005; 
Burgos et al., 2012; Chapter 2 of this dissertation).  A better understanding of these 
processes could potentially increase the long-term efficacy of treatment systems to 
improve water quality of CMDs.  
Differences in trace-metal removal efficiency have been observed in studies of 
different CMD treatments (Kairies et al., 2005; Burgos et al., 2012; Chapter 2 of this 
dissertation).  For example, Kairies et al. (2005) reported correlations between Fe
II
 
oxidation rate, Fe
III
 crystallinity, and trace-metal adsorption in samples from different 
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CMD treatment systems, with higher Fe
II
 oxidation rates associated with greater 
crystallinity of Fe
III
 precipitates and the lowest concentration of adsorbed trace metals.  
However, water-quality parameters such as pH and alkalinity also varied between 
sampling sites.  In batch experiments treating net alkaline, circumneutral CMD, Chapter 
2 of this dissertation observed differences in dissolved Zn and Al removal between 
aeration and chemical oxidation (H2O2) treatments, despite complete removal of 
dissolved Fe by both methods.  Aeration has been shown to be an effective treatment 
strategy in low oxygen, net alkaline discharges which are supersaturated with CO2 by 
promoting CO2 outgassing and increasing the pH and the rate of Fe
II
 oxidation (Cravotta, 
2007; Geroni et al., 2012; Cravotta, 2015).  The aeration treatment removed all dissolved 
Fe and approximately 80% of dissolved Zn and Al, and substantially increased pH.  In 
contrast, the H2O2 treatment removed all dissolved Fe and Al with minimal change in 
dissolved Zn and pH.  Geochemical modeling indicated that a majority of dissolved Zn 
and Al removal was due to adsorption to freshly created HFO surfaces.  Increasing pH 
during aeration promoted Zn adsorption while CO2 outgassing decreased the 
concentration of aqueous Zn-carbonate complexes, which have decreased charge 
compared to the free Zn
2+
 ion, and therefore decreased attraction to the negatively 
charged HFO surfaces.  In contrast, the lower pH in the H2O2 treatment favored Al 
adsorption, but not Zn adsorption (Chapter 2 of this dissertation).  While these 
experiments indicated that pH plays a significant role in trace-metal adsorption to HFO, 
the field-based batch experiments were run for 5 to 5.5 hours, which was not sufficient 
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time for Fe in the control treatment to precipitate and settle from suspension.  This 
prevented an evaluation of the ultimate fate of trace-metals during CMD treatment. 
The stability of metals in the resulting precipitates is also of interest in treatment 
system design because it can indicate the potential for remobilization of the sequestered 
metals.  Previous studies have investigated the stability and trace-metal concentration in 
mine drainage sediments through digestions and extractions of the solid material 
(Winland et al., 1991; Karathanasis and Thompson, 1995; Rose and Ghazi, 1997, 1998).  
While extraction experiments have found trace metals such as Zn adsorbed in the 
exchangeable and organic fractions on solid material, the majority of trace metals in mine 
drainage sediments are found in the reducible fraction associated with Fe and Mn 
oxyhydroxides (Rose and Ghazi, 1998; Galan et al., 2003), and some studies have 
indicated the potential for formation of various Zn solid phases such as Zn-silicates 
(Hudson-Edwards, 1996; White et al., 1998; Eary et al., 2003; De Giudici et al., 2014).  
The presence of trace metals in the more labile fractions suggests the potential for metals 
mobility if the sludge were to experience a change in ionic strength or redox.  
In addition to variation in trace-metal uptake and metals stability, differences in 
the physical characteristics of the sludge formed have also been observed.  Dempsey and 
Jeon (2001) found synthetic Fe sludge formed through alkali (NaOH) addition to be less 
dense and more viscous than sludge collected at passive CMD treatment sites.  Similar 
results were observed by Regenspurg et al. (2004) in which the synthetic precipitation of 
schwertmannite from dissolved FeSO4 with the addition of H2O2 resulted in large 
spherical particles compared to the small crystallized particles synthesized over 30 days 
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using a slower method.  In contrast to chemical addition resulting in lower density 
material, increased mixing is thought to increase floc density through floc break-up and 
re-aggregation (Clark and Flora, 1991).  Sludge volume and density have implications for 
treatment system management because larger volumes of sludge increase the 
maintenance and disposal costs (Johnson and Hallberg, 2005).  The particle size of 
precipitates can play a role in the capacity to remove trace metals, with smaller particle 
sizes associated with greater trace-metal adsorption (Kim et al., 2011). 
There are applications for which metals precipitation, adsorption, and stability in 
mine drainage sludge should be considered.  While CMD treatment is sometimes viewed 
as cost prohibitive, the recovery and reuse of metal-rich sludge produced in water 
treatment may become an attractive option to lower costs.  Some options for reuse of 
recovered metals from mine drainage include wastewater, agricultural, and industrial 
applications.  For example, dried and pelletized mine drainage sludge has been shown to 
be successful in the removal of phosphorous from municipal wastewater (Sibrell et al., 
2009) and the selectively recovered phosphorous can then be used as a fertilizer 
(Outwater, 1994; Sibrell et al., 2009).  CMD sludge has also been used in the production 
of pigments (Hedin, 2003); however, reuse applications can depend on the purity of the 
product.  Technology has been created to remove trace metals from coal and metal 
mining wastewater before collecting the sludge, such as sulfogenic bioreactors (Johnson 
et al., 2004; Johnson and Hallberg, 2005) and carbonate coprecipitation (Sibrell et al., 
2007).  However, these extra steps decrease the profit, and add chemical processing steps 
with waste products that diminish the benefits of sludge recovery.  The ability to tailor 
 125 
 
the parameters of a single treatment system to sequester trace metals and knowledge of 
how to control the stability of those trace metals on mine-drainage precipitates could be 
beneficial towards site planning when recovery and reuse is intended.   
While other metal sequestration and sludge stability studies have investigated 
alkali and lime addition to acid mine discharges (Dempsey and Jeon, 2001; Beauchemin 
et al., 2010; Burgos et al., 2012) a significant portion of CMDs in the Anthracite coal 
region of Pennsylvania already have circumneutral pH and are net alkaline (Cravotta et 
al., 1999; Cravotta, 2008; Burrows et al., 2015), making different treatment strategies 
such as aeration or H2O2 addition more appropriate.  Studies have shown that trace-metal 
removal can vary by treatment option (Chapter 2 of this dissertation); however, the 
control of Fe precipitation rate and the effect of these treatment options on the stability of 
the resulting sludge and trace metals has not been well quantified and would assist in the 
treatment system design process, especially where metals recovery and reuse is desired.   
A single extraction experiment was conducted using untreated water from a net alkaline, 
circumneutral CMD to determine the stability of metals in mine drainage sludge formed 
through mechanical aeration, chemical oxidation with H2O2, and a control as a no-
treatment action plan, to better guide the installation of treatment systems with long term 
functioning, increased capabilities for recovery and reuse, and taking in to account the 
variation in geochemical processes resulting from different treatment methods.  
Furthermore, by ensuring all Fe has precipitated in each treatment, an assessment of the 
effect of precipitation rate on trace-metal removal can be made. 
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2 Methods 
2.1 Site Description 
The Oak Hill Boreholes (40°42'11.73"N, 76°15'4.14"W) are located northwest of 
Pottsville, PA in the West Branch Schuylkill River Watershed.  The boreholes drain a 
series of mine pools which are part of the extensively mined Southern Anthracite coal 
field (Cravotta et al., 2014).  The discharge drains into the West Branch Schuylkill River 
in the headwaters of the Schuylkill River, which is the primary source of drinking water 
for Philadelphia, PA (Pindar et al., 2003).  While the water emerging from Oak Hill 
Boreholes is net alkaline and circumneutral in pH, it also contains high quantities of 
dissolved metals including Fe and Mn, and to a lesser extent, Al, Ni, Zn, and Co 
(Cravotta, 2015; Chapter 2 of this dissertation).  X-ray diffraction (XRD) analysis of 
sediments collected from the receiving streambed have identified goethite as the only 
solid phase, with no schwertmannite or ferrihydrite detected (Cull et al., 2014).   
 
2.2 Batch Experiments   
Three different CMD treatment strategies were performed in 20L insulated 
containers in the laboratory: mechanical aeration by bubbling air through porous stone 
diffusers at 23.25 mL/s, and for comparison, a control with no mechanical aeration or 
chemical addition, and a hydrogen-peroxide (5 mL of 3% H2O2) treatment.  For each 
batch experiment, untreated CMD water was obtained from the Oak Hill Boreholes and 
transported to Lehigh University (approximately one hour travel time) in closed, 
insulated containers to minimize gas exchange and changes in temperature.  Each 
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container was supplemented with dissolved Zn to ensure measurable results from the 
single extractions.  All treatments were initiated simultaneously to prevent variations in 
recovered sludge due to aging of the precipitates, and batch containers were left 
uncovered to allow atmospheric exchange that would occur naturally in a treatment 
system.  The temperature, pH, specific conductance, and dissolved oxygen (DO) were 
recorded, and serial water samples were collected throughout the batch experiments, 
filtered (0.45 μm, Whatman P/P), and acidified to pH 2 using HNO3.  Fe
II
 oxidation was 
monitored in each batch experiment until Fe
II
 concentrations decreased to below 1 mg/L 
measured using a colorimeter (Hach), and the sludge was then transferred to Imhoff 
settling cones via siphon to maximize recovery for single extractions.  Serial water 
samples were analyzed for cation concentrations using an Inductively Coupled Plasma 
Mass Spectrometer (ICP-MS, ThermoElemental X-Series, Winsford, UK).  Fe 
precipitation rate was estimated by the change in dissolved (<0.45 μm) Fe concentration 
over time.  The Fe
II 
oxidation rate constant (k) was calculated by the homogeneous Fe
II
 
oxidation rate law: 
          -d[Fe
II
]/dt = k[Fe
II
][O2][H
+
]
-2 
  (1) 
 (Singer and Stumm, 1970; Stumm and Morgan, 1996).  Eh was calculated from ORP 
using the temperature correction method set forth in Nordstrom (1977).  Alkalinity was 
determined using 0.02 N H2SO4 and the gran function plot method.  The pCO2 was 
calculated from the alkalinity, specific conductance, and temperature data. 
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2.3 Single Extractions 
Single extractions accessing the exchangeable, acid soluble, easily reducible 
amorphous Fe and Mn oxyhydroxide, and residual fractions, based on modified Tessier et 
al. (1979) and European Community Bureau of Reference (BCR; now the Standards, 
Measurement and Testing Programme, Belgium) (e.g., Davidson et al., 1998) methods 
(Table 1), were used for this study to replicate natural events and allow for replicate 
samples.  While many sequential extraction methods for metals on solid material have 
been developed that vary in terms of which fractions are accessed through sequentially 
applying different reagents to access these phases on the same solid sample (e.g. 
Filgueiras et al., 2002a), sequential extractions do not replicate natural events: for 
example, in a natural hydrologic system a change in pH is not necessarily preceded by an 
increase in ionic strength.  Additionally, a sequential extraction on low-density Fe flocs 
would require a large volume of material to achieve an adequate solids-to-reagent ratio, 
and may not allow for replicate samples, while single extractions have been adapted for 
small samples in that each reagent is applied to a fresh solid sample (Filgueiras et al. 
2002b), making the use of single extractions appropriate for this study.  The metals 
associated with each fraction in the sludge were accessed through the addition of 
chemical reagents.  Reagents were chosen based on those found to be most effective for 
the metal species of interest, and reproducibility (Filgueiras et al., 2002a).  Reagents were 
Certified ACS Grade and reagent blanks were determined to be less than 1% of the 
lowest measured extractable metal concentration using ICP-MS.   
 
 129 
 
Table 1 Target phases and reagents used in single extractions 
Fraction Target Phases Reagents Procedure 
Exchangeable Weakly 
adsorbed metals 
 
1 M MgCl2 
pH 7.0  
  
40 mL, placed on shaker for 1 
hour 
Acid Soluble Metals 
associated with 
carbonates  
 
1 M NaOAC  
pH 5.0 
40 mL, placed on shaker for 2 
hours 
Easily 
Reducible 
Metals 
associated with 
amorphous Fe 
and Mn 
oxyhydroxides  
 
0.1 M  
HONH2-HCl  
pH 2.0 
40 mL, placed on shaker for 16 
hours 
Residual Total metals 
including 
primary and 
secondary 
minerals and 
crystalline Fe 
and Mn 
precipitates 
HF, HNO3, 
H3BO3 
10 mL HF:HNO3 evaporated to 
near dryness, 5 mL HF 
evaporated to near dryness (2x), 
2 drops H3BO3, brought up to 50 
mL with 2 M HNO3 
 
Samples for the exchangeable, acid soluble, and easily reducible fractions were 
kept wet before conducting single extractions to prevent changes in oxidation state or 
mineralogy that can occur in the drying process (Rendell et al. 1980; Buykx et al., 1999; 
Baeyens et al., 2003).  In contrast, the residual fraction seeks to access the total metals 
content, so implications caused by drying such as changing the state of adsorbed metals, 
is not a concern for this fraction.  Samples for the residual fraction and total weight 
determinations were air-dried at approximately 35°C.  All batch containers were exposed 
to atmospheric conditions for the duration of the experiment, and final DO values were 
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near 100% saturation, so the use of a glove box for single extractions was not considered 
necessary.    
Replicate single extractions were performed based on the availability of collected 
sludge from each treatment (Table 2).  A greater volume of lower density material was 
recovered from the H2O2 treatment compared to the aeration or control treatments, 
allowing for more replications on the sludge from the H2O2 treatment.  After each single 
extraction, the samples were centrifuged and filtered with a 0.45 μm filter.  Single 
extractions were analyzed using ICP-MS to determine dissolved cation concentrations.  
The results from the single extractions were corrected for interstitial metal concentrations 
based on water sampling results.   
 
Table 2 Number of replicate samples (n) performed for each treatment and fraction 
 
 
 
 
 
The range of metal concentrations (mg/g) for each fraction was calculated based 
on the range of extracted concentrations (mg) per fraction per treatment, and the range of 
sample weights (g) per treatment.  For example, for the exchangeable fraction in the H2O2 
treatment, 5 single extraction replicates (mg)/10 weight replicates (g) = 50 values for mg 
Fraction Aeration (n) H2O2 (n) Control (n) 
Exchangeable 2 5 2 
Acid Soluble 2 5 2 
Easily Reducible 2 5 2 
Residual 3 9 2 
Dried for weight 4 10 3 
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extracted species per g solid material. The coefficient of variation (CV) was calculated 
for each fraction and treatment using the following equation: 
                                                             CV = σ/μ                                                          (2) 
where σ is the standard deviation and μ is the mean of the population. 
   
2.4 Geochemical Modeling 
Measured initial dissolved cation concentrations were used in PHREEQC 
Interactive 3.1.7 (Parkhurst and Appelo, 2013) to explore the optimal conditions for Zn 
and Al adsorption to HFO.  Adsorption was calculated across a range of pH values at two 
pCO2 endmembers representative of initial and final conditions during aeration (pCO2 = 
1.1, 3.2, respectively).  Then pH was held constant at pH 6.3, 7.0, 7.5, and 8.0, and pCO2 
varied across a range of 1.1 to 3.5 to determine the effect of controlling pH during CO2 
outgassing on Zn and Al adsorption.  These pH values were chosen based on the initial 
and final pH values from the three treatments, and an optimized pH based on PHREEQC 
modeling results.  A two-layer model (Dzombak and Morel, 1990) was used with 
multiple binding sites on surfaces, surface precipitation, and a Donnan diffuse layer.  The 
surface area was defined as the product of the area per gram of surface material (600 
m
2
/g).  HFO binding sites were set at 0.005 molessites/molesHFO of strong binding sites, 
and 0.2 molessites/molesHFO of weak binding sites.  Al adsorption was included in the 
model because samples in this study were below saturation with respect to Al(OH)3(a), 
indicating that changes in Al concentration are not due to solubility control.  Estimated 
log k values for Al adsorption to strong and weak sites on HFO were obtained from 
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Chapter 2 of this dissertation.  The Lawrence Livermore National Laboratory (LLNL) 
extended database was used in PHREEQC to determine the saturation index (SI) for Zn 
solid phases because this database contains an extensive compilation of Zn solid phases, 
including Zn carbonate, sulfate, hydroxide, and silicate minerals. 
 
3 Results 
3.1 Water Quality 
The chemistry of the batch experiments evolved over time with respect to water-
quality parameters and dissolved Fe, Zn, and Al concentrations, with much greater 
changes in dissolved Fe and Zn concentrations, pH, and pCO2 observed in the aeration 
treatment over the course of the experiment compared to the control and H2O2 treatments, 
similar to results in chapter 2 of this dissertation and Cravotta (2015).  Data on the 
dissolved Fe, Zn, and Al concentrations, pH, and other water-quality parameters are 
summarized for the treatment options (aeration, H2O2, and control) in Table 3 and Figure 
1.  Dissolved Fe was almost completely removed (<3% remaining) from solution by hour 
0.25 in the H2O2 treatment, hour 3.5 in the aeration treatment, and hour 93.5 in the 
control treatment.  Dissolved Zn and Al removal varied by treatment method, which we 
compare by dividing the final minus initial concentration by the initial concentration.  
The largest change in dissolved Zn concentration over the course of the experiment was 
observed in the aeration treatment with a 92% decrease in Zn concentration, compared to 
the 8.7% and 13% decrease in dissolved Zn in the H2O2 and control treatments, 
respectively.  In contrast, Al concentrations decreased 98% and 93% in the control and 
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H2O2 treatments, respectively, while the aeration treatment had a smaller overall decrease 
in concentration (62%).  Minimal to no change was seen in other dissolved metal species 
including Mn, Co, and Ni for any treatment option.  These results are consistent with 
Chapter 2 of this dissertation which reported negligible change in dissolved Mn, Ni, and 
Co concentrations over 5 to 5.5 hour batch experiments with aeration and H2O2 addition 
on CMD from Oak Hill Boreholes, and Cravotta (2007) which reported negligible change 
in dissolved Mn, Ni, and Co concentrations after 4.5 days of aeration of similar CMD.   
In addition to variation in metals concentrations, the different treatment methods 
exhibited differences in Fe settling rate.  Figures 1C and 1D show the change in dissolved 
and total (combined particulate and dissolved) Fe concentrations over the course of the 
batch experiments.  A decrease in total Fe concentration could be caused by the 
precipitation and settling of Fe flocs.  A sharp decrease in total Fe concentration was 
observed in the H2O2 treatment shortly after the beginning of the experiment, and in the 
aeration treatment after the aerator was turned off.  The sharp decrease in total Fe in the 
H2O2 treatment indicates that the Fe precipitated and settled quickly.  The sudden 
decrease in total Fe concentration in the aeration treatment after the aerator was turned 
off is a result of these Fe precipitates settling and indicates that most of the Fe had 
precipitated prior to this time and was being recirculated by the aerators, increasing the 
potential for interaction with dissolved Zn and Al.  However, dissolved Zn and Al 
concentrations had already reached steady-state concentration in the aeration treatment 
when the aerator was turned off (Figures 1A, 1B).  The variable total Fe concentration in 
the control was most likely due to the precipitation of Fe forming a layer on the water 
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surface, potentially resulting in a higher total Fe concentration in samples than was 
representative of the total volume of the control.   
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Figure 1 Variations in concentration during the laboratory experiment in the aeration, 
H2O2, and control treatments for A) dissolved Zn (mg/L), B) dissolved Al (μg/L), C) 
dissolved Fe (mg/L), and D) total Fe (mg/L) 
 136 
 
The changes in metal concentrations in the aeration treatment were accompanied 
by a 2.1 unit increase in pH; in comparison, the H2O2 treatment and control exhibited a 
0.7 and 0.6 unit increase in pH, respectively.  Alkalinity decreased in each treatment due 
to its consumption as Fe
II
 oxidized and precipitated as HFO according to the generalized 
reaction:  
  Fe
2+
 + 0.25 O2 + 0.5 H2O + 2 HCO3
-
 → Fe(OH)3 + 2 CO2         (3) 
The largest change in alkalinity occurred in the aeration treatment due to the outgassing 
of CO2.  The pCO2 increased (PCO2 decreased) from 1.10 to 3.22 in the aeration treatment, 
while the control and H2O2 treatments exhibited modest increases with final pCO2 values 
of 1.74 and 1.84, respectively, as the batch containers exchanged gasses with the 
atmosphere, consistent with results from previous studies (Geroni et al., 2012; Cravotta, 
2015; Chapter 2 of this dissertation).  All three treatments also exhibited increases in DO 
due to atmospheric exchange. 
 
 
 
 
 
 
 
 
 137 
 
Table 3 Changes in water quality and dissolved metal concentrations for the aeration, 
control, and H2O2 treatments from the initial to final geochemical conditions 
Parameter 
Fe Zn Al 
pH 
Alkalinity 
pCO2 
(-log(atm)) 
DO 
(mg/L) (mg/L) (μg/L) 
(mg/L 
CaCO3) 
(% 
Sat) 
Initial 
Conditions 
18.0 2.300 37 6.3 160 1.10 46 
Final 
Aer 0.012 0.17 14 8.4 129 3.22 104 
Control 0.013 2.0 0.77 6.9 139 1.74 92 
H2O2 0.013 2.1 2.5 7.0 140 1.84 96 
 
The control of pH and CO2 on dissolved Zn and Al adsorption to HFO was 
modeled using PHREEQC.  Theoretical changes in the mole fraction of Zn and Al 
absorbed to HFO with increased pH and two CO2 end-members are shown in Figure 2A.  
For the elevated CO2 end-member (pCO2 = 1.1) minimal Zn adsorption to HFO was 
predicted across the pH range (pH 6 to 8.5).  For the low CO2 end-member (pCO2 = 3.2), 
Zn adsorption to HFO increased across the pH range until it reached a maximum mole 
fraction of 0.27 at pH 7.5.  In contrast, the mole fraction of Al adsorbed to HFO was 
initially high (mole fraction ~ 1.0 between pH 6.0 and 7.0), and decreased above pH 7.0, 
with a sharper decrease seen for the low CO2 end-member compared to the elevated CO2 
end-member potentially due to greater adsorption of other species such as Zn at the low 
end-member.  The optimal pH range for both Zn and Al adsorption to HFO (shown in the 
shaded gray box) was pH 7.25 to 7.5 for the low CO2 end-member.  Above pH 7.5, Al 
adsorption to HFO decreased sharply, while below pH 7.25, Zn adsorption to HFO 
decreased.   
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Figure 2B shows the effect of controlling pH while outgassing CO2 (CO2 
decrease, pCO2 increase) on Zn and Al adsorption to HFO.  When pH 6.3 was 
maintained, there was minimal effect on Zn and Al adsorption across the pCO2 range.  
For Zn, constant pH 7.5 resulted in the maximum Zn adsorbed to HFO over the pCO2 
range with the greatest mole fraction Zn absorbed to HFO seen at pCO2 = 3.5.  For 
constant pH 7.0 and 8.0, a lower mole fraction of Zn absorbed to HFO was predicted.  
The mole fraction of Al adsorbed to HFO decreased slightly with increased pCO2 for 
constant pH 7.5, and decreased substantially for constant pH 8.0 (approximately 50% 
decrease in mole fraction Al absorbed to HFO across the pCO2 range), potentially due to 
greater adsorption of Zn at these pH values.  The optimal pCO2 range for both Zn and Al 
adsorption was pCO2 > 3.0 for constant pH 7.0 and 7.5. 
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Figure 2 Mole fraction Zn and Al adsorbed to HFO with constant surface characteristics 
for HFO calculated in PHREEQC using the initial solution chemistry A) across pH 6 to 
8.5 with two end-members representing before and after CO2 outgassing (pCO2 = 1.1, 
3.2, respectively), and B) across pCO2 =1.1 to 3.5 with constant pH end-members 
representing pH changes over the course of the aeration, H2O2, and control treatments 
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(pH = 6.3, 7.0, 7.5, 8.0), with shaded ranges indicating the optimal pH and pCO2 ranges 
during aeration 
 
The Fe precipitation rate was different for each treatment method.  The decrease 
in dissolved Fe concentration was greatest in the H2O2 treatment: within the first hour of 
the experiment 96% of dissolved Fe was removed, resulting in a 0.31 mmole dissolved Fe 
hr
-1
 removal rate, compared to the aeration (0.01 mmole dissolved Fe hr
-1
) and control 
(0.01 mmole dissolved Fe hr
-1
) treatments (Figure 3) after one hour.  While the H2O2 
treatment exhibited an initial peak in the rate of removal of dissolved Fe, the peak in 
dissolved Fe removal rate in the aeration treatment occurred between 1.5 and 2 hours into 
the experiment as CO2 was outgassed and pH increased.  For the aeration experiment, the 
calculated rate constant was 2.7x10
-12
 mol/L/min after temperature correction to 20°C, 
which is similar to the reported rate constant of 3x10
-12
 mol/L/min at 20°C (Stumm and 
Morgan, 1996), and the observed rates for shorter aeration experiments (Cravotta, 2015).  
In contrast, the control exhibited an initially variable rate followed by a consistent low 
precipitation rate for the remainder of the experiment.  The final pH, alkalinity, DO, and 
pCO2 for the H2O2 and control treatments were very similar (Table 3), allowing for 
comparisons in trace-metal removal based on Fe precipitation rate as opposed to 
differences due to CO2 outgassing and pH which would be seen when comparing to the 
aeration treatment (Table 3).   
  
 141 
 
  
Figure 3 Rate of change of mmoles of dissolved Fe per sampling period for each 
treatment: aeration (—■—), control (—●—), and H2O2 (--∆--) 
 
3.2 Visual Characterizations 
Upon visual inspection, an oily sheen was observed on the water surface in areas 
of slow moving water at Oak Hill Boreholes and in the control batch experiment that was 
not present in the H2O2 or aeration treatments.  This lack of an oily sheen may be due to 
the chemical addition of H2O2, or agitation of the water surface during aeration, and 
might indicate lower microbial activity.  This oily film is likely Leptothrix, a genus of 
Betaproteobacteria, which consists of four species of Fe and Mn oxidizers (Emerson et 
al., 2010) commonly observed at other CMDs in the southern anthracite field (Robbins et 
al., 1999). 
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Visual observations include those of the settled material, such as color and 
volume (Table 4).  Based on the hue, value, and chroma determined using the Munsell 
Soil Color Chart for different Fe mineral types compiled by Schwertmann and Cornell 
(2000), the H2O2 and control treatments fall within the range of ferrihydrite or 
lepidocrocite.  The aeration treatment color falls within the lower range of goethite, or 
upper range of ferrihydrite, a precursor to goethite.  The mineralogy identified by color 
agrees with the mineralogy from this site previously analyzed by XRD as goethite (Cull 
et al., 2014), and predicted mineral species formation based on Eh-pH values during 
H2O2 and aeration treatment in Chapter 2 of this dissertation.  The volume of the settled 
material differed between treatments: the H2O2 settled volume per 20L CMD was at least 
4 times greater than that of the aeration or control treatments.  Each treatment 
precipitated approximately the same mass of Fe, indicating the sludge formed in the H2O2 
treatment had lower density compared to the other treatments.  In addition to creating 
much more voluminous sludge, precipitates formed in the H2O2 treatment were also 
observed to settle at a much greater speed and contain larger particles than the other two 
treatments.   
 
Table 4 Characteristics of sludge collected following CMD treatment 
Treatment Volume (mL) Color Hue Value/Chroma 
Aer 15 Brownish yellowish red 7.5YR 5/8 
H2O2 60 Dark reddish brown 5YR 4/6 
Control 10 Dark reddish brown 5YR 5/8 
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3.3 Single Extractions 
A single extraction procedure was performed to determine the stability of Fe and 
Zn in sludge recovered from the three batch experiments.  Single extractions for Al were 
not considered because of the low Al concentrations near or below detection limits in 
some samples.  The largest quantities of Fe were found in the easily reducible fraction 
(Figure 4, Table 5), and the smallest quantities of Fe were found in the exchangeable 
fraction.  In terms of metal species, Fe was found in the greatest quantities; however, this 
is most likely a result of the amount of these respective metals available in the solid 
phase: an order of magnitude greater Fe precipitated than Zn in the aeration treatment, 
and 2 orders of magnitude greater Fe precipitated than Zn in the H2O2 or control 
treatments.  Approximately 40% and 47% of total Fe was found in the easily reducible 
fraction for the aeration and control treatments, respectively, compared to 100% of total 
Fe found in this fraction in the H2O2 treatment, suggesting sludge formed in the aeration 
and control treatments may be more crystalline and less-easily reducible than sludge 
formed in the H2O2 treatment (Table 5).   
Zn was also found in the largest quantities in the easily reducible fraction (Figure 
4B).  For example, 87% of Zn was found in the easily reducible fraction in the aeration 
treatment, compared to 84% in the control treatment, and 95% in the H2O2 treatment 
(Table 4).  The concentration Zn remaining in the solid phases after the easily reducible 
fraction indicated the potential for a portion of Zn to be present in crystalline Fe and Mn 
solids or other mineral phases from each of the treatment options as opposed to 
adsorption to HFO comprising the sole removal pathway.  PHREEQC modeling 
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supported the potential for formation of a Zn-silicate solid phase in the aeration 
treatment, with all samples taken after hour 1 oversaturated with respect to willemite 
(Zn2SiO4).  Samples taken after hour 4 in the aeration treatment were also oversaturated 
with respect to hydrozincite (Zn5(CO3)2(OH)6).  However, all other samples were under-
saturated in the aeration, H2O2 and control treatments with respect to Zn-solid phases 
including willemite, ZnCO3:H2O, ZnSO4, Zn(OH)2, and hydrozincite.  In contrast to Fe, a 
substantial quantity of Zn was also found in the acid soluble fraction for all three 
treatments.  The CV among replicate analyses of single extractions (Table 2) on the same 
material was less than 15% for all samples, and less than 5% for most samples, indicating 
good reproducibility.  
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Figure 4 Average metal concentrations (mg/g) with bars indicating the full range of 
values from single extractions on sludge collected from aeration, H2O2 and control 
treatments on CMD for exchangeable, acid soluble, easily reducible, and residual 
fractions for A) Fe, and B) Zn  
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Table 5 Average quantity (mg/g) and percent (%) of metals found per fraction as a 
proportion of the total metals recovered in the residual fraction in sludge collected from 
aeration, H2O2 and control treatments on CMD for exchangeable, acid soluble, easily 
reducible, and residual fractions  
Fraction Treatment Fe (mg/g) Fe (%) Zn (mg/g) Zn (%) 
Exchangeable 
Aer 0.49 0.11 1.3 3.1 
Control 0.46 0.09 1.4 8.1 
H2O2 17 3.9 2.0 16 
Acid soluble 
Aer 4.3 1.0 23 53 
Control 1.6 0.31 5.2 31 
H2O2 16 3.6 6.7 56 
Easily Reducible 
Aer 170 40 37 87 
Control 240 47 14 84 
H2O2 450 100 11 95 
 Aer 430 - 42 - 
Reducible Control 510 - 17 - 
 H2O2 450 - 12 - 
 
4 Discussion 
The decreases in metal concentrations and the variations in water quality 
exhibited in this study are similar to those seen in other studies for aeration and H2O2 
treatments of CMD (Geroni et al., 2012; Cravotta, 2015; Chapter 2 of this dissertation).  
However, while in previous studies experiments were discontinued before any Fe 
precipitated in the control (Cravotta, 2015; Chapter 2 of this dissertation), batch 
experiments in this study were conducted until all dissolved Fe had been removed from 
solution.  This made it possible to assess the fate of Zn and Al, and determine the stability 
of metals in the recovered solid material. 
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Previous modeling work has suggested that Zn and Al are removed in CMD 
treatment by pH dependent adsorption to HFO (Chapter 2 of this dissertation).  
PHREEQC modeling in this study indicated the optimal pH range to achieve maximum 
Zn and Al adsorption to HFO during CMD treatment is approximately pH 7.25 to 7.5 
(Figure 2A).  Below this pH range Zn desorbed, while above this pH range Al desorbed.  
Therefore, the H2O2 and control treatments, which removed all dissolved Al and 
exhibited minor changes in dissolved Zn concentrations while pH increased from 6.3 to 
6.9 and 7.0, respectively, were pH-optimized for only Al adsorption and not Zn 
adsorption (Figures 1 and 2, Table 3).  In contrast, the aeration treatment, which removed 
approximately 92% of dissolved Zn and 62% of dissolved Al while pH increased from 
6.3 to 8.4, was pH-optimized for Zn adsorption but not Al adsorption.   
While CO2 outgassing is linked to pH changes, it also played a more direct role in 
the capacity for metals adsorption through the formation of some metal carbonate 
complexes.  Results from Chapter 2 of this dissertation suggest the dissolved Zn removal 
during aeration and CO2 outgassing in this study (Figure 1A) was enhanced because 
decreasing CO2 decreased the formation of aqueous Zn-carbonate complexes, which have 
decreased potential for adsorption to HFO surfaces compared to the free Zn
2+
 ion.  This is 
supported by PHREEQC modeling in this study in which a decrease in CO2 corresponded 
to an increase in Zn adsorption to HFO at any pH value (Figure 2A).  In contrast, CO2 
outgassing had little effect on Al adsorption with the exception of driving pH to higher 
values (~pH 8.0) at which Al desorption was predicted (Figure 2B).  For example, when 
pH was maintained at 8.0, approximately 50% of Al was expected to desorb from HFO as 
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pCO2 increased from 1.1 to 3.5, while at pH 7.5, Al desorption was limited to only 
approximately 10% across the same pCO2 range.  Therefore, it may be possible to 
optimize dissolved Zn and Al removal during CMD treatment by controlling pH at 
approximately 7.5 during CO2 outgassing.   
Fe precipitation rate and mixing may explain the observed differences in the 
physical characteristics of precipitates between the treatment methods.  For example, the 
H2O2 treatment generated 4 to 6x greater sludge volume than the aeration or control 
treatments (Table 4).  This phenomenon has been observed in other studies in which 
chemical addition resulted in fast Fe precipitation rates and created larger, lower density 
Fe precipitates and sludge, compared to smaller, higher density Fe precipitates and sludge 
formed through control treatments (Dempsey and Jeon, 2001; Regenspurg et al., 2004).  
In comparison to the H2O2 and control treatments, the aeration treatment was subjected to 
mixing as the bubbling air created turbulence in the water.  Increased mixing is thought to 
raise the probability for interaction between flocs, but also increases the probability of 
floc break-up (Nason and Lawler, 2009), and break-up may form more fractal particles 
(i.e. non-spherical particles), which can re-aggregate into denser flocs resulting in faster 
settling.  Following floc break-up, the subsequent smaller flocs do not re-aggregate to 
their previous size (Clark and Flora, 1991), suggesting that increased interactions 
between Fe flocs in the aeration treatment may have produced smaller, more dense flocs 
compared to those formed in the other treatments.  While Fe in the H2O2 treatment 
precipitated and settled quickly, as shown in Figures 1C and 1D, Fe in the aeration 
treatment precipitated quickly but did not settle until the aerator was turned off, and the 
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control exhibited slow precipitation and settling, giving greater time for Fe in the aeration 
and control treatments to interact, possibly resulting in smaller flocs with increased 
density.   
A single extraction procedure was employed in this study to quantify Zn and Fe in 
each fraction (exchangeable, acid soluble, easily reducible, and residual) as a function of 
the treatment method used to determine the stability of these metals.  The Zn 
concentration found in each fraction was partially a function of the change in the 
dissolved concentration of Zn during treatment.  For example, the aeration treatment 
exhibited the largest decrease in dissolved Zn in solution (Figure 1A, Table 3), and a 
greater quantity of Zn was found in the sludge from the aeration treatment compared to 
the H2O2 and control treatments (Table 4).  The 31-56% Zn found in the acid soluble 
fraction, depending on the treatment method, and the lack of dissolution of Fe in the acid 
soluble fraction (≤1% found in the aeration and control treatments, 3.6% found in H2O2 
treatment), may indicate that washing recovered sludge with a slightly acidic solution 
will remove up to half of the adsorbed Zn and improve the purity for reuse.  While single 
extractions were not performed for Al due to the low concentrations present, the 
desorption of Al with increased pH in the aeration treatment (Figure 1B; Chapter 2 of this 
dissertation) suggests that washing the sludge with solution with pH>8 will remove a 
significant portion of the dissolved Al. 
The portion of Zn found in the residual compared to the easily reducible fraction 
has implications for geochemical modeling.  The removal of trace metals such as Zn in 
mine drainage is generally attributed to adsorption to hydrous Fe, Mn, and Al oxides 
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(Schemel et al., 2000; Ranville et al., 2004; Lee et al, 2002; Lee et al., 2007); however, 
studies have indicated the potential for various Zn solid phases to form in mine drainage 
and associated treatment systems (Reddy et al., 1988; Nuttal and Younger, 2000; Lee et 
al., 2002; Gammons, 2006; Wanty et al., 2013; De Guidici et al., 2014).  A small portion 
of Zn remained in the sludge after the easily reducible treatment (approximately 5 to 
16%, depending on treatment method), indicating some Zn was associated with more 
crystalline Fe or Mn precipitates, or other minerals.  Silicates have been previously 
suggested as a control on Zn solubility in natural streams (Hem, 1972), and studies have 
suggested the formation of Zn-silicate minerals such as Zn2SiO4, ZnSiO3, and 
hemimorphite in mine drainage to interpret Zn solubility (Hudson-Edwards, 1996; White 
et al., 1998; Eary et al., 2003; De Giudici et al, 2014).  While later samples in the aeration 
treatment were oversaturated with respect to willemite, and Wanty et al. (2013) identified 
the formation a Zn-silicate with the same local ordination geometry as willemite 
(Zn2SiO4) in a mine drainage stream, willemite is not expected to form at the temperature 
and pressure present at mine discharges (Brugger et al., 2003).  Zn-carbonate mineral 
formation or Zn coprecipitation with HFO may be more likely sinks for Zn.  Later 
samples in the aeration treatment were oversaturated with respect to hydrozincite, and 
hydrozincite precipitation has been identified in other mine discharges (Nuttal and 
Younger, 2002; Ayora et al., 2013).  Zn may be present in Fe crystalline solids through 
coprecipitation with HFO, which is supported by modeling in Chapter 2 of this 
dissertation that indicated a portion of Zn coprecipitated with HFO, in addition to 
adsorbing on HFO. 
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The stability of Fe in the easily reducible fraction indicates the different treatment 
methods resulted in varying Fe crystallinities. This has implications for the stability of 
sludge in a treatment system, and the suitability of recovered sludge for various reuse 
options.  For example, low stability of Fe precipitates could result in metals 
remobilization in treatments systems, or affect the recovery of adsorbed species.  In 
contrast to Zn, all Fe was released in the easily reducible fraction for the H2O2 treatment, 
compared to the aeration and control treatments in which only approximately half of the 
Fe was released.  While the single extraction for the H2O2 treatment was conducted on 
approximately 50% smaller solid mass as a result of the lower sample density of flocs 
formed in the H2O2 treatment, this is not an indication that the reagent to solid ratio was 
insufficient.  The reagent to solid ratio for this experiment was much larger than that used 
in other extraction experiments.  For comparison, the Tessier sequential extraction 
method calls for 1 g of solid per 8 mL reagent for the exchangeable and acid soluble 
fractions, and 20 mL for the easily reducible fraction.  The average solid masses used in 
this study were 97.2 mg, 84.5 mg, and 42.2 mg for the aeration, control, and H2O2 
treatments, respectively, to 40 mL of reagent.  Additionally, similar Zn concentrations 
were released from the control and H2O2 treatments, which also saw similar changes in 
the dissolved constituents indicating the difference in mass used between the two 
treatments did not affect the results of the single extractions.  Rather, while HONH2-HCl 
is commonly used in the BCR sequential extraction method to attack the reducible 
fraction (e.g. Davidson et al., 1998; Sahuquillo et al., 1999), it has been suggested that 
this reagent may only attack the easily or moderately reducible amorphous Fe and Mn 
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oxyhydroxides fraction (Filgueiras et al., 2002a; Ranville et al., 2004).  Therefore, the 
greater concentration of Fe released in the easily reducible step in the H2O2 treatment 
indicates a more amorphous form of Fe oxide was accessed in this step, and this is also 
suggested by the significantly lower density of Fe flocs formed in the H2O2 treatment 
(Table 3).   
Correlations between Fe
II
 oxidation rate, Fe
III
 crystallinity and trace-metal 
removal have been observed in CMD treatment systems (Kairies et al., 2005).  However, 
despite differences in Fe precipitation rate, crystallinity, and sludge density in this study 
(Figure 3, Tables 4 and 5), the control and H2O2 treatments exhibited minimal differences 
in final Zn and Al concentrations and water-quality parameters (pH, DO, alkalinity, 
pCO2) (Figure 1A, 1B, Table 3).  In contrast, the aeration treatment exhibited a fast Fe 
precipitation rate, a much greater increase in pH, and removed a greater concentration of 
dissolved Zn and a smaller concentration of dissolved Al compared to the H2O2 and 
control treatments.  These differences in trace-metal removal and sludge characteristics 
between the three treatments indicate that factors such as pH are more important in 
controlling Zn and Al concentrations than the Fe precipitation rate, crystallinity, or sludge 
density.  
 
5 Conclusions 
While CMD treatment tends to focus on increasing the pH and removing 
dissolved Fe, Mn, and Al from net acidic discharges, a significant number of CMDs are 
net alkaline, circumneutral, and can also contain trace metals that may be present in 
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significant enough quantities to impair aquatic environments and affect the end use of the 
water supply.  These discharges require a modified approach to treatment that considers 
maximized removal of trace metals, as well the stability of the resulting materials for 
recovery and reuse.  In treatment of net alkaline, circumneutral CMD with three methods, 
aeration, H2O2 addition, and a control, despite differences in Fe precipitation rate, 
crystallinity, and sludge density, the control and H2O2 treatments exhibited similar 
amounts of Zn and Al removal.  In contrast, the greater removal of Zn from solution 
through the aeration treatment illustrates the importance of CO2 outgassing and decreased 
activity of aqueous carbonate complexes.  Further work may investigate the impact of 
aqueous carbonate complexes on the adsorption of other metals (e.g., Ni
2+
, UO2
2+
) to 
HFO in mine drainage areas. 
CMD treatment method can also play a role in the characteristics of the 
recoverable sludge.  The complete dissolution of Fe in the easily reducible step in the 
H2O2 treatment indicates Fe precipitates formed in H2O2 treatment were much less stable 
perhaps because they were less crystalline.  Additional solid analysis of Fe minerals to 
determine the level of crystallinity, such as XRD analysis, would confirm this hypothesis.  
In comparison to Fe, a larger portion of Zn (84-95%, depending on treatment method) 
was found in the easily reducible fraction, indicating significant potential for 
remobilization.  Furthermore, the lack of Fe found in the acid soluble fraction 
accompanied with the 31-56% removal of Zn from the sludge in this step may indicate 
that washing recovered sludge with a slightly acidic solution will remove up to half of the 
adsorbed metals and improve the purity of sludge for reuse purposes.  The small portion 
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of Zn remaining in the solid phase after the easily reducible treatment indicates the 
potential for Zn coprecipitation with crystalline Fe, or the formation of Zn-silicate or Zn-
carbonate solid phases.  This knowledge can be added to geochemical models, which 
otherwise assume adsorption to HFO is the only pathway for trace-metal removal.  
Knowledge of the stability of metals in CMD sludge can also aid in predictions of 
treatment method functioning and efficiency, and facilitate the design and selection of 
treatment systems with the ability to plan recovery and reuse options based on initial 
water chemistry. 
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Chapter 4: Ancillary Data 
 
Chapter 1 Ancillary Data 
 
 Table 1 Fe (mg/L) for 24 mine discharges sampled in 1975, 1991, 1999, and 2012 
 Fe (mg/L) 
Discharge 1975* 1991+ 1999# 2012 
Beaver Meadow Outfall (Quakake)^ <1 1.2 0.6 0.88 
Butler Mine tunnel (Pittston Water Level Tunnel) 2.5 3.4 2.5 4.1 
Cameron Mine Drift 150 20 54 6.2 
Colket Mine 20 - 22 11 
Oneida Tunnel 0.22 0.1 0.097 3 
Porter Mine Discharge from Tunnel 50 - 16 11 
Rowe Tunnel Discharge 10 9.9 9 11 
Scott Ridge Mine Tunnel 45 - 24 36 
Silverbrook Mine 10 19 15 16 
Valley View Tunnel 22 16 13 13 
Big Mtn Mine No.1 Slope 20 30 25 18 
Buttonwood Outfall 95 53 33 55 
Cameron Mine Airshaft 60 66 49 54 
Coalbrook Mine (lower Wilson Creek Shaft) <1 0.09 0.049 3 
Duryea Breech Seep 48 26 20 26 
Gravity Slope (Peckville Shaft) 0.32 0.48 0.47 3.2 
Henry Clay Stirling Mine Pump 50 34 25 24 
Honey Pot Outfall >100 43 47 41 
Jermyn Mine 1.5 0.32 0.32 2.9 
Markson Columnway 32 39 16 6.2 
Maysville Mine Borehole at Ranshaw 50 29 18 19 
Old Forge Borehole 40 25 18 20 
South Wilkes-Barre Boreholes  190 - 32 27 
Tracy Airhole 10 - 20 17 
*Growitz et al., 1985 
+Wood, 1996 
#Cravotta, 2008a, 2008b 
^Beaver Meadow was resampled in 2014 
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Table 2 pH for 24 mine discharges sampled in 1975, 1991, 1999, and 2012 
 pH 
Discharge 1975* 1991+ 1999# 2012 
Beaver Meadow Outfall (Quakake)^ 3.7 3.6 3.7 3.9 
Butler Mine tunnel (Pittston Water Level Tunnel) 4.9 4.8 5.1 7.1 
Cameron Mine Drift 4.1 6.3 5.3 7.4 
Colket Mine 5.4 - 5.9 6.6 
Oneida Tunnel 4.3 4.6 4.4 2.8 
Porter Mine Discharge from Tunnel 2.95 - 3 3.7 
Rowe Tunnel Discharge 4.5 6.5 6.2 5.9 
Scott Ridge Mine Tunnel 5.3 - 5.9 6 
Silverbrook Mine 3.8 4.3 4.2 4.3 
Valley View Tunnel 6.1 6.3 6 6.8 
Big Mtn Mine No.1 Slope 3.4 4.5 3.7 6.6 
Buttonwood Outfall 5.6 6 6 6 
Cameron Mine Airshaft 3.4 4.1 4 4.2 
Coalbrook Mine (lower Wilson Creek Shaft) 5.9 6.2 5.5 6.1 
Duryea Breech Seep 5.7 6.5 6.1 6.3 
Gravity Slope (Peckville Shaft) 5.3 5.9 5.8 6.1 
Henry Clay Stirling Mine Pump 5.6 5.9 5.8 3.9 
Honey Pot Outfall 6 6.5 6.1 8 
Jermyn Mine 5.6 6 6 6.4 
Markson Columnway 3.6 3.4 3.3 3.5 
Maysville Mine Borehole at Ranshaw 6.3 6.3 6.1 4.8 
Old Forge Borehole 5.6 6.4 6.1 6.2 
South Wilkes-Barre Boreholes  5.2 6.2 6 6.1 
Tracy Airhole 6.15 - 5.9 6 
*Growitz et al., 1985 
+Wood, 1996 
#Cravotta, 2008a, 2008b 
^Beaver Meadow was resampled in 2014 
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Table 3 SO4
2-
 (mg/L) for 24 mine discharges sampled in 1975, 1991, 1999, and 2012 
 SO4
2-
 (mg/L) 
Discharge 1975* 1991+ 1999# 2012 
Beaver Meadow Outfall (Quakake)^ 100 220 120 170 
Butler Mine tunnel (Pittston Water Level Tunnel) 265 320 220 170 
Cameron Mine Drift 1100 870 740 310 
Colket Mine 180 - 180 79 
Oneida Tunnel 53 74 34 35 
Porter Mine Discharge from Tunnel 550 - 410 330 
Rowe Tunnel Discharge 130 110 100 110 
Scott Ridge Mine Tunnel 490 - 230 210 
Silverbrook Mine 110 150 170 270 
Valley View Tunnel 110 100 100 68 
Big Mtn Mine No.1 Slope 300 360 470 310 
Buttonwood Outfall 760 760 550 470 
Cameron Mine Airshaft 790 700 510 490 
Coalbrook Mine (lower Wilson Creek Shaft) 150 140 110 110 
Duryea Breech Seep 700 310 320 330 
Gravity Slope (Peckville Shaft) 170 150 110 100 
Henry Clay Stirling Mine Pump 470 490 350 310 
Honey Pot Outfall 2800 980 830 620 
Jermyn Mine 220 190 130 100 
Markson Columnway 410 540 340 300 
Maysville Mine Borehole at Ranshaw 460 440 230 230 
Old Forge Borehole 780 420 320 330 
South Wilkes-Barre Boreholes  1800 640 480 370 
Tracy Airhole 140 - 280 220 
*Growitz et al., 1985 
+Wood, 1996 
#Cravotta, 2008a, 2008b 
^Beaver Meadow was resampled in 2014 
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Table 4 Discharge (m
3
/s) for 24 mine discharges sampled in 1975, 1991, 1999, and 2012 
 Discharge (m
3
/s) 
Discharge 1975* 1991+ 1999# 2012 
Beaver Meadow Outfall (Quakake)^ 0.57 0.14 0.62 0.31 
Butler Mine tunnel (Pittston Water Level Tunnel) 0.25 0.071 0.07 0.16 
Cameron Mine Drift 0.13 0.0091 0.033 0.0032 
Colket Mine 0.011 - 0.016 0.029 
Oneida Tunnel 0.26 0.04 0.076 0.12 
Porter Mine Discharge from Tunnel 0.025 - 0.02 0.038 
Rowe Tunnel Discharge 0.18 0.024 0.057 0.33 
Scott Ridge Mine Tunnel 0.42 - 0.27 0.21 
Silverbrook Mine 0.12 0.037 0.25 0.048 
Valley View Tunnel 0.2 0.04 0.039 0.075 
Big Mtn Mine No.1 Slope 0.057 0.00028 0.014 0.025 
Buttonwood Outfall 0.76 0.14 0.2 0.62 
Cameron Mine Airshaft 0.11 0.088 0.065 0.095 
Coalbrook Mine (lower Wilson Creek Shaft) 0.45 0.12 0.21 0.074 
Duryea Breech Seep 0.96 0.16 0.071 0.32 
Gravity Slope (Peckville Shaft) 0.65 0.14 0.31 0.15 
Henry Clay Stirling Mine Pump 0.31 0.085 0.046 0.14 
Honey Pot Outfall 0.24 0.16 0.13 0.39 
Jermyn Mine 1.1 0.34 0.96 0.057 
Markson Columnway 0.068 0.062 0.076 0.13 
Maysville Mine Borehole at Ranshaw 0.093 0.062 0.016 0.44 
Old Forge Borehole 2.7 1.9 2.2 2.2 
South Wilkes-Barre Boreholes  1.1 0.57 0.9 1.9 
Tracy Airhole 0.02 - 0.037 0.033 
*Growitz et al., 1985 
+Wood, 1996 
#Cravotta, 2008a, 2008b 
^Beaver Meadow was resampled in 2014 
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Table 5 Net acidity (mg/L as CaCO3) and alkalinity (mg/L as CaCO3) for 24 mine discharges 
sampled in 1975 and 2012 
 
Net Acidity  
(mg/L as CaCO3) 
Alkalinity 
 (mg/L as CaCO3) 
Discharge 2012 1975* 2012 
Beaver Meadow Outfall (Quakake)^ 59 0 0 
Butler Mine tunnel (Pittston Water Level Tunnel) 17 7 0 
Cameron Mine Drift -54 0 67 
Colket Mine -4.2 10 46 
Oneida Tunnel 91 0 0 
Porter Mine Discharge from Tunnel 55 0 0 
Rowe Tunnel Discharge 9.1 0 15 
Scott Ridge Mine Tunnel 39 16 35 
Silverbrook Mine 61 0 0 
Valley View Tunnel 9.7 49 17 
Big Mtn Mine No.1 Slope 0.85 0 61 
Buttonwood Outfall -200 57 310 
Cameron Mine Airshaft 130 0 0 
Coalbrook Mine (lower Wilson Creek Shaft) -16 34 21 
Duryea Breech Seep -17 72 68 
Gravity Slope (Peckville Shaft) -17 13 24 
Henry Clay Stirling Mine Pump 54 43 0 
Honey Pot Outfall -87 212 170 
Jermyn Mine -33 13 39 
Markson Columnway 41 0 0 
Maysville Mine Borehole at Ranshaw -16 133 59 
Old Forge Borehole -54 27 93 
South Wilkes-Barre Boreholes  11 77 42 
Tracy Airhole 4 36 30 
*Growitz et al., 1985 
^Beaver Meadow was resampled in 2014 
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Table 6 DO (mg/L) and pCO2 (-log(atm))for 24 mine discharges sampled in 1975 and 
2012 
 DO (mg/L) pCO2 (-log(atm)) 
Discharge 2012 1975* 2012 
Beaver Meadow Outfall (Quakake)^ 10.6 - - 
Butler Mine tunnel (Pittston Water Level Tunnel) 9.3 1.03 - 
Cameron Mine Drift 10 - 2.6 
Colket Mine 9 1.37 2.2 
Oneida Tunnel 21 - - 
Porter Mine Discharge from Tunnel 9.9 - - 
Rowe Tunnel Discharge 17 - 1.7 
Scott Ridge Mine Tunnel 5.6 1.06 1.5 
Silverbrook Mine 3.6 - - 
Valley View Tunnel 9.9 1.37 2.6 
Big Mtn Mine No.1 Slope 0.64 - 1.8 
Buttonwood Outfall 0.75 0.78 0.48 
Cameron Mine Airshaft 1 - - 
Coalbrook Mine (lower Wilson Creek Shaft) 13 1.35 1.8 
Duryea Breech Seep 6.4 0.78 1.4 
Gravity Slope (Peckville Shaft) 1.4 1.15 1.7 
Henry Clay Stirling Mine Pump 0.78 0.92 - 
Honey Pot Outfall 0.79 0.6 2.8 
Jermyn Mine 10 1.45 1.8 
Markson Columnway 1.4 - - 
Maysville Mine Borehole at Ranshaw 19 1.15 0.011 
Old Forge Borehole 1.1 1.12 1.2 
South Wilkes-Barre Boreholes  0.91 0.25 1.5 
Tracy Airhole 0.63 1.56 1.5 
*Growitz et al., 1985 
^Beaver Meadow was resampled in 2014 
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Chapter 2 Ancillary Data and Software Code 
 
Table 7 Eh (V) from aeration, H2O2, and control treatments 
 Eh (V) 
Time (hours) Aer 1 Aer 2 Aer 3 Control H2O2 
0 0.222 0.213 0.171 0.228 0.181 
0.25 0.233 0.212 0.173 0.23 0.545 
0.5 0.228 0.197 0.147 0.232 0.555 
0.75 0.215 0.168 - 0.222 - 
1 0.199 0.143 0.089 0.22 0.555 
1.5 0.162 0.117 0.095 0.222 0.559 
2 0.135 0.122 0.096 0.221 0.558 
2.5 0.127 0.127 0.104 0.216 0.554 
3 0.134 0.132 0.159 0.218 0.552 
3.5 0.133 0.137 0.177 0.222 0.549 
4 0.139 0.14 0.182 0.223 0.55 
4.5 0.138 0.144 0.185 0.221 0.545 
5 0.134 0.154 - 0.217 - 
5.5 - - 0.184 - 0.541 
 
 
Table 8 Average pH from YSI and Orion electrodes at the time of water sampling for 
aeration, H2O2, and control treatments 
 Average pH (YSI and Orion electrodes) 
Time (hours) Aer 1 Aer 2 Aer 3 Control H2O2 
0 6.20 6.22 6.32 6.23 6.32 
0.25 6.43 6.56 6.69 6.45 6.28 
0.5 6.52 6.69 6.88* 6.46 6.2* 
0.75 6.59 6.80 - 6.49 - 
1 6.64 6.82 7.08* 6.47 6.21* 
1.5 6.74 6.95 7.13* 6.48 6.21* 
2 6.79 6.95 7.29 6.47 6.30 
2.5 6.82 7.01 7.75 6.44 6.27 
3 6.84 7.07 7.91 6.51 6.31 
3.5 6.89 7.18 8.16 6.51 6.29 
4 6.90 7.27 8.10 6.52 6.26 
4.5 6.97 7.41 8.08 6.51 6.28 
5 7.05 7.43 - 6.51 - 
5.5 - - 7.89 - 6.36 
*Reported value is from the YSI electrode because pH was not recorded with the Orion 
electrode for these samples 
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Table 9 pH from YSI electrode at the time of water sampling for aeration, H2O2, and 
control treatments 
 pH 
Time (hours) Aer 1 Aer 2 Aer 3 Control H2O2 
0 6.36 6.4 6.36 6.45 6.37 
0.25 6.44 6.57 6.63 6.46 6.21 
0.5 6.51 6.72 6.88 6.45 6.2 
0.75 6.59 6.84 - 6.5 - 
1 6.66 6.94 7.08 6.51 6.21 
1.5 6.78 7.07 7.13 6.52 6.21 
2 6.87 7.07 7.29 6.52 6.22 
2.5 6.93 7.11 7.64 6.54 6.24 
3 6.92 7.19 7.95 6.62 6.25 
3.5 6.94 7.29 8.12 6.69 6.26 
4 6.95 7.38 8.15 6.69 6.26 
4.5 7.02 7.47 8.14 6.68 6.26 
5 7.11 7.57 - 6.67 - 
5.5 - - 8.13 - 6.27 
 
Table 10 pH from Orion electrode at the time of water sampling for aeration, H2O2, and 
control treatments 
 
pH 
Time (hours) Aer 1 Aer 2 Aer 3 Control H2O2 
0 6.09 6.09 6.28 6.09 6.28 
0.25 6.42 6.55 6.76 6.45 6.36 
0.5 6.53 6.67 - 6.47 - 
0.75 6.6 6.77 - 6.48 - 
1 6.62 6.73 - 6.44 - 
1.5 6.71 6.86 - 6.44 - 
2 6.73 6.86 7.30 6.43 6.39 
2.5 6.73 6.93 7.91 6.36 6.30 
3 6.78 6.98 7.87 6.43 6.39 
3.5 6.84 7.09 8.20 6.38 6.33 
4 6.85 7.19 8.06 6.4 6.27 
4.5 6.93 7.36 8.03 6.39 6.30 
5 6.99 7.32 - 6.39 - 
5.5 - - 7.73 - 6.47 
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Table 11 DO (mg/L) at the time of water sampling for aeration, H2O2, and control 
treatments 
 DO (mg/L) 
Time (hours) Aer 1 Aer 2 Aer 3 Control H2O2 
0 1.65 1.68 2.8 1.95 1.11 
0.25 3.24 5.42 6.16 1.93 1.35 
0.5 4.43 7.24 7.61 2.03 1.43 
0.75 5.24 8.39 - 1.96 - 
1 6.08 8.86 8.19 2.01 1.68 
1.5 7.26 9.19 8.08 1.99 1.5 
2 7.74 9 8.17 2.06 1.62 
2.5 8.12 8.94 8.17 2.4 1.54 
3 8.13 8.87 8.32 2.6 2.06 
3.5 8.46 9.36 8.29 2.56 1.88 
4 8.6 9.72 6.17 2.57 1.91 
4.5 8.66 10.01 6.12 2.67 1.98 
5 8.76 10.24 - 3 - 
5.5 - - 6.13 - 1.92 
 
 
Table 12 DO (% saturation) at the time of water sampling for aeration, H2O2, and control 
treatments 
 DO (% Saturation) 
Time (hours) Aer 1 Aer 2 Aer 3 Control H2O2 
0 16 17 28 20 11 
0.25 33 54 68 20 13 
0.5 45 73 89 21 14 
0.75 53 85 - 20 - 
1 62 90 99 21 17 
1.5 74 94 98 20 15 
2 79 92 100 21 16 
2.5 83 92 100 25 15 
3 81 89 100 26 21 
3.5 83 92 100 25 19 
4 84 95 81 25 20 
4.5 84 98 80 26 20 
5 86 100 - 30 - 
5.5 - - 81 - 20 
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Table 13 Alkalinity (mg/L as CaCO3) at the time of water sampling for aeration, H2O2, 
and control treatments 
 Alkalinity (mg/L as CaCO3) 
Time (hours) Aer 1 Aer 2 Aer 3 Control H2O2 
0 150.0 150.0 150.0 150.0 150.0 
0.25 141.4 157.6 137.4 155.5 93.9 
0.5 152.5 162.6 - 151.7 - 
0.75 160.6 147.5 - 150.5 - 
1 154.5 141.4 - 151.9 - 
1.5 155.5 135.3 - 155.5 - 
2 149.7 135.3 129.3 150.5 106.1 
2.5 149.3 131.5 121.2 151.5 115.1 
3 139.4 127.7 114.1 153.7 110.1 
3.5 138.4 129.3 118.2 153.7 114.1 
4 135.3 129.3 115.1 154.5 116.2 
4.5 139.4 126.3 108.1 146.5 113.1 
5 133.3 127.3 - 151.5 - 
5.5 - - 103.0 - 105.0 
 
 
 
Table 14 pCO2 at the time of water sampling for aeration, H2O2, and control treatments 
 pCO2 
Time (hours) Aer 1 Aer 2 Aer 3 Control H2O2 
0 1.20 1.20 1.17 1.23 1.20 
0.25 1.29 1.35 1.50 1.26 1.24 
0.5 1.37 1.46 - 1.28 - 
0.75 1.43 1.60 - 1.31 - 
1 1.46 1.58 - 1.29 - 
1.5 1.55 1.72 - 1.28 - 
2 1.62 1.72 2.18 1.28 1.19 
2.5 1.64 1.80 2.55 1.25 1.18 
3 1.71 1.87 2.89 1.34 1.20 
3.5 1.75 1.98 3.04 1.33 1.20 
4 1.77 2.09 3.08 1.33 1.19 
4.5 1.84 2.27 3.10 1.35 1.20 
5 1.93 2.22 - 1.33 - 
5.5 - - 3.11 - 1.24 
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Table 15 Aer 1 treatment dissolved cations (μg/L) part 1 
Time 
(hours) 
Li 
(μg/L) 
Na 
(μg/L) 
Mg 
(μg/L) 
Al 
(μg/L) 
Si 
(μg/L) 
K 
(μg/L) 
Ca 
(μg/L) 
Mn 
(μg/L) 
0 49 32000 56000 59 5800 1200 86000 3600 
0.25 49 32000 56000 51 5800 1200 87000 3600 
0.5 49 32000 55000 44 5700 1100 85000 3500 
0.75 49 31000 53000 39 5800 980 84000 3500 
1 50 32000 55000 29 5900 1100 82000 3500 
1.5 49 31000 56000 18 5800 1200 83000 3500 
2 49 32000 56000 11 5700 1200 84000 3600 
2.5 49 32000 56000 5.3 5800 1200 84000 3600 
3 49 33000 56000 4.1 5600 1100 83000 3500 
3.5 49 32000 57000 2.8 5600 1200 83000 3400 
4 49 33000 56000 1.7 5600 1300 84000 3500 
4.5 49 33000 57000 2.2 5500 1500 87000 3600 
5 50 33000 56000 5.1 5500 1400 85000 3500 
 
Table 16 Aer 1 treatment dissolved cations (μg/L) part 2 
Time  
(hours) 
Fe  
(μg/L) 
Co  
(μg/L) 
Ni  
(μg/L) 
Zn  
(μg/L) 
Sr  
(μg/L) 
Ba  
(μg/L) 
0 19700 36 42 47 1100 32 
0.25 19700 36 41 43 1100 30 
0.5 19400 36 41 40 1100 30 
0.75 18900 36 42 44 1000 31 
1 18600 37 42 42 1000 31 
1.5 18200 36 42 42 1000 31 
2 18300 36 42 41 1000 31 
2.5 16900 36 42 41 1000 31 
3 14700 35 41 38 1000 30 
3.5 12000 36 41 34 1000 30 
4 10200 36 41 30 1000 29 
4.5 8820 36 41 25 1100 29 
5 6530 35 41 20 1100 27 
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Table 17 Aer 2 treatment dissolved cations (μg/L) part 1 
Time 
(hours) 
Li 
(μg/L) 
Na 
(μg/L) 
Mg 
(μg/L) 
Al 
(μg/L) 
Si 
(μg/L) 
K 
(μg/L) 
Ca 
(μg/L) 
Mn 
(μg/L) 
0 45 32000 56000 56 4600 1200 86000 3600 
0.25 46 33000 56000 43 4800 1300 86000 3600 
0.5 46 32000 55000 32 4800 1200 83000 3500 
0.75 47 32000 55000 25 4900 1200 83000 3500 
1 46 32000 55000 36 4800 1200 82000 3500 
1.5 47 33000 56000 5 4800 1200 81000 3500 
2 48 33000 57000 2.9 4700 1300 82000 3500 
2.5 48 33000 57000 3.4 4700 1400 82000 3500 
3 48 33000 57000 3 4600 1300 83000 3500 
3.5 48 33000 55000 3.6 4600 1400 83000 3500 
4 47 33000 55000 4.1 4500 1400 84000 3500 
4.5 48 32000 55000 3.3 4400 1200 82000 3400 
5 48 32000 54000 4.2 4400 1500 80000 3400 
 
 
Table 18 Aer 2 treatment dissolved cations (μg/L) part 2 
Time (hours) Fe  
(μg/L) 
Co  
(μg/L) 
Ni  
(μg/L) 
Zn  
(μg/L) 
Sr  
(μg/L) 
Ba  
(μg/L) 
0 19700 32 37 42 970 23 
0.25 19500 32 38 38 1100 23 
0.5 18900 32 37 33 1000 24 
0.75 19200 33 38 43 1100 24 
1 18200 32 38 37 1000 24 
1.5 15400 32 38 32 1000 24 
2 11400 32 37 23 1000 22 
2.5 9070 33 38 21 1000 22 
3 6490 32 37 18 1000 21 
3.5 4950 32 37 18 1000 21 
4 4030 31 36 15 1000 20 
4.5 2520 31 36 13 1000 20 
5 1590 30 35 12 1000 19 
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Table 19 Aer 3 treatment dissolved cations (μg/L) part 1 
Time 
(hours) 
Li 
(μg/L) 
Na 
(μg/L) 
Mg 
(μg/L) 
Al 
(μg/L) 
Si 
(μg/L) 
K 
(μg/L) 
Ca 
(μg/L) 
Mn 
(μg/L) 
0 47 50000 64000 47 4800 1600 79000 3600 
0.25 50 52000 65000 6.8 4800 1600 79000 3600 
0.5 51 54000 64000 2.5 4900 1700 71000 3500 
1 54 58000 61000 0.33 5100 1800 68000 3400 
1.5 58 60000 61000 BDL 5000 1900 65000 3300 
2 59 61000 60000 BDL 4700 1900 65000 3300 
2.5 58 61000 61000 BDL 4600 1900 63000 3200 
3 55 61000 61000 0.66 4500 2100 63000 3200 
3.5 57 62000 61000 3.3 4400 2000 63000 3100 
4 53 55000 60000 3.3 3900 2100 61000 3100 
4.5 57 62000 59000 7.9 4500 2400 61000 3100 
5.5 58 60000 60000 10 4400 2200 60000 3200 
 
 
 
Table 20 Aer 3 treatment dissolved cations (μg/L) part 2 
Time  
(hours) 
Fe  
(μg/L) 
Co  
(μg/L) 
Ni  
(μg/L) 
Zn  
(μg/L) 
Sr  
(μg/L) 
Ba  
(μg/L) 
0 19700 30 34 55 1200 21 
0.25 18500 30 34 39 1200 22 
0.5 17400 30 36 28 1200 22 
1 10900 32 38 18 1300 21 
1.5 5450 32 38 14 1200 21 
2 1510 30 35 10 1300 20 
2.5 127 29 35 9.7 1200 18 
3 34.8 28 34 7.7 1200 19 
3.5 42.9 26 33 7.3 1200 19 
4 30.1 23 29 12 970 14 
4.5 38.2 27 34 10 1200 18 
5.5 34.8 26 33 10 1100 17 
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Table 21 Control treatment dissolved cations (μg/L) part 1 
Time 
(hours) 
Li 
(μg/L) 
Na 
(μg/L) 
Mg 
(μg/L) 
Al 
(μg/L) 
Si 
(μg/L) 
K 
(μg/L) 
Ca 
(μg/L) 
Mn 
(μg/L) 
0 45 32000 56000 56 4600 1200 86000 3600 
0.25 46 32000 56000 38 4700 1100 78000 3400 
0.5 46 32000 56000 38 4800 1400 78000 3400 
0.75 46 33000 55000 38 4700 1300 78000 3400 
1 45 32000 55000 35 4800 1500 78000 3400 
1.5 45 32000 56000 30 4800 1200 77000 3400 
2 45 33000 56000 28 4800 1500 79000 3400 
2.5 45 32000 55000 25 4700 1400 76000 3400 
3 46 32000 56000 23 4800 1500 78000 3400 
3.5 45 32000 54000 22 4800 1400 77000 3400 
4 46 33000 56000 22 4700 1700 77000 3400 
4.5 46 33000 57000 19 4700 1900 79000 3500 
5 45 32000 55000 16 4800 1500 76000 3400 
 
 
 
Table 22 Control treatment dissolved cations (μg/L) part 2 
Time  
(hours) 
Fe  
(μg/L) 
Co  
(μg/L) 
Ni  
(μg/L) 
Zn  
(μg/L) 
Sr  
(μg/L) 
Ba  
(μg/L) 
0 19700 32 37 42 970 23 
0.25 18000 32 38 42 1000 21 
0.5 17900 31 38 39 1000 21 
0.75 17800 31 38 41 1000 21 
1 17900 31 38 41 1000 21 
1.5 17800 31 38 39 1000 21 
2 18000 31 38 44 1000 21 
2.5 17500 30 38 43 1000 21 
3 17700 31 39 47 1000 21 
3.5 17300 30 39 45 1000 22 
4 17200 31 40 48 1000 21 
4.5 17500 31 40 47 1000 21 
5 17000 31 39 45 1000 22 
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Table 23 H2O2 treatment dissolved cations (μg/L) part 1 
Time 
(hours) 
Li 
(μg/L) 
Na 
(μg/L) 
Mg 
(μg/L) 
Al 
(μg/L) 
Si 
(μg/L) 
K 
(μg/L) 
Ca 
(μg/L) 
Mn 
(μg/L) 
0 47 50000 64000 47 4800 1600 79000 3600 
0.25 50 54000 67000 0.92 5000 1700 80000 3700 
0.5 50 55000 63000 1.8 5100 1800 70000 3500 
1 54 60000 61000 1 5300 1900 66000 3400 
1.5 56 61000 62000 0.48 5300 1900 65000 3400 
2 59 62000 61000 BDL 5500 2000 65000 3400 
2.5 56 61000 61000 BDL 5100 1900 64000 3600 
3 56 61000 60000 BDL 5100 2100 64000 3500 
3.5 60 62000 61000 BDL 5100 2100 62000 3400 
4 57 62000 60000 BDL 5100 2200 60000 3400 
4.5 56 61000 59000 BDL 5100 2100 60000 3500 
5.5 55 60000 61000 BDL 4900 2000 61000 3600 
 
 
 
Table 24 H2O2 treatment dissolved cations (μg/L) part 2 
Time  
(hours) 
Fe  
(μg/L) 
Co  
(μg/L) 
Ni  
(μg/L) 
Zn  
(μg/L) 
Sr  
(μg/L) 
Ba  
(μg/L) 
0 19700 30 34 55 1200 21 
0.25 10.9 31 35 34 1200 20 
0.5 324 32 38 30 1200 22 
1 26.7 34 39 37 1300 22 
1.5 40.6 34 40 37 1200 23 
2 31.3 34 40 36 1300 23 
2.5 30.1 33 40 40 1200 25 
3 32.4 33 40 39 1200 23 
3.5 40.6 32 40 43 1200 23 
4 34.8 33 39 40 1200 23 
4.5 31.3 33 40 42 1200 23 
5.5 27.8 32 40 48 1100 24 
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Kinetic-adsorption model in PHREEQC 
 
#DATABASE C:\Program Files (x86)\USGS\Phreeqc Interactive 3.1.7-
9213\database\phreeqc.dat 
#TITLE Kinetically controlled oxidation of FeII by homogeneous and 
heterogeneous processes  
# coupled with ingassing of O2 and outgassing of CO2. Decoupled valence 
states of iron. 
# Adapted from Parkhurst and Appelo (1999) example 9 by C.A. Cravotta 
(2014, U.S. Geological Survey).  
#TITLE Sorption of zinc on hydrous iron oxide with variable FeIII total 
mass. Adapted from 
# Parkhurst and Appelo (2013) example 8 by J.E. Burrows and C.A. 
Cravotta (2014).  
 
SOLUTION_MASTER_SPECIES 
Fe_di              Fe_di+2    0.0     Fe_di              55.847 
Fe_tri             Fe_tri+3   0.0     Fe_tri             55.847 
 
SURFACE_MASTER_SPECIES 
    Hao_          Hao_OH          
     
SOLUTION_SPECIES 
Fe_di+2 = Fe_di+2 
        log_k   0.0 
Fe_tri+3 = Fe_tri+3 
        log_k   0.0 
# 
# Fe+2 species 
# 
Fe_di+2 + H2O = Fe_diOH+ + H+ 
        log_k   -9.5 
        delta_h 13.20   kcal 
# 
#... and also other Fe+2 species 
# 
Fe_di+2 + Cl- = Fe_diCl+ 
        log_k   0.14 
Fe_di+2 + CO3-2 = Fe_diCO3 
        log_k   4.38 
Fe_di+2 + HCO3- = Fe_diHCO3+ 
        log_k   2.0 
Fe_di+2 + SO4-2 = Fe_diSO4 
        log_k   2.25 
        delta_h 3.230   kcal 
Fe_di+2 + HSO4- = Fe_diHSO4+ 
        log_k   1.08 
Fe_di+2 + 2HS- = Fe_di(HS)2 
        log_k   8.95 
Fe_di+2 + 3HS- = Fe_di(HS)3- 
        log_k   10.987 
Fe_di+2 + HPO4-2 = Fe_diHPO4 
        log_k   3.6 
Fe_di+2 + H2PO4- = Fe_diH2PO4+ 
 177 
 
        log_k   2.7 
Fe_di+2 + F- = Fe_diF+ 
        log_k   1.0 
# 
# Fe+3 species 
# 
Fe_tri+3 + H2O = Fe_triOH+2 + H+ 
        log_k   -2.19 
        delta_h 10.4    kcal 
# 
#... and also other Fe+3 species 
# 
Fe_tri+3 + 2 H2O = Fe_tri(OH)2+ + 2 H+ 
        log_k   -5.67 
        delta_h 17.1    kcal 
Fe_tri+3 + 3 H2O = Fe_tri(OH)3 + 3 H+ 
        log_k   -12.56 
        delta_h 24.8    kcal 
Fe_tri+3 + 4 H2O = Fe_tri(OH)4- + 4 H+ 
        log_k   -21.6 
        delta_h 31.9    kcal 
2 Fe_tri+3 + 2 H2O = Fe_tri2(OH)2+4 + 2 H+ 
        log_k   -2.95 
        delta_h 13.5    kcal 
3 Fe_tri+3 + 4 H2O = Fe_tri3(OH)4+5 + 4 H+ 
        log_k   -6.3 
        delta_h 14.3    kcal 
Fe_tri+3 + Cl- = Fe_triCl+2 
        log_k   1.48 
        delta_h 5.6     kcal 
Fe_tri+3 + 2 Cl- = Fe_triCl2+ 
        log_k   2.13 
Fe_tri+3 + 3 Cl- = Fe_triCl3 
        log_k   1.13 
Fe_tri+3 + SO4-2 = Fe_triSO4+ 
        log_k   4.04 
        delta_h 3.91    kcal 
Fe_tri+3 + HSO4- = Fe_triHSO4+2 
        log_k   2.48 
Fe_tri+3 + 2 SO4-2 = Fe_tri(SO4)2- 
        log_k   5.38 
        delta_h 4.60    kcal 
Fe_tri+3 + HPO4-2 = Fe_triHPO4+ 
        log_k   5.43 
        delta_h 5.76    kcal 
Fe_tri+3 + H2PO4- = Fe_triH2PO4+2 
        log_k   5.43 
Fe_tri+3 + F- = Fe_triF+2 
        log_k   6.2 
        delta_h 2.7     kcal 
Fe_tri+3 + 2 F- = Fe_triF2+ 
        log_k   10.8 
        delta_h 4.8     kcal 
Fe_tri+3 + 3 F- = Fe_triF3 
 178 
 
        log_k   14.0 
        delta_h 5.4     kcal 
PHASES 1 
Calcite 
 CaCO3 = CO3-2 + Ca+2 
# Ca0.999Zn0.001CO3 = CO3-2 + 0.999Ca+2 + 0.001Zn+2 
 -log_k -8.48 
 -delta_h -2.297 kcal 
 -analytic -171.9065 -0.077993 2839.319 71.595 
 -Vm 36.9 cm3/mol # MW (100.09 g/mol) / rho (2.71 g/cm3) 
Goethite 
        Fe_triOOH + 3 H+ = Fe_tri+3 + 2 H2O 
        #log_k   -1.0 
   log_k    1.4 #Bigham 
Fe(OH)3(a)  
#          Fe_tri(OH)3 + 3 H+ = Fe_tri+3 + 3 H2O 
#         Fe_tri0.9994Zn0.0009(OH)3 + 3 H+ = 0.9994 Fe_tri+3 + 0.0009 
Zn+2 + 3 H2O # Coprecipitation 0.09% Zn 
#         Fe_tri0.9979Al0.0009Zn0.0018(OH)3 + 3 H+ = 0.9979 Fe_tri+3 + 
0.0009 Al+3 + 0.0018 Zn+2 + 3 H2O # Coprecipitation 0.09% Al & 0.18% Zn 
          Fe_tri0.9985Al0.0009Zn0.0009(OH)3 + 3 H+ = 0.9985 Fe_tri+3 + 
0.0009 Al+3 + 0.0009 Zn+2 + 3 H2O # Coprecipitation 0.09% Al & 0.09% Zn 
#         Fe_tri0.99910Al0.0009(OH)3 + 3 H+ = 0.9991 Fe_tri+3 + 0.0009 
Al+3 + 3 H2O # Coprecipitation .09% Al 
 log_k   4.891 
# log_k 4.3 # Bigham3 
Al(OH)3(a)          140 
        Al(OH)3 + 3H+ = Al+3 + 3H2O  
        log_k           10.8 
        delta_h -26.5 kcal 
Boehmite            52 
        AlOOH + 3H+ = Al+3 + 2H2O  
        log_k           8.584 
        delta_h -28.181 kcal 
Gibbsite            51 
        Al(OH)3 + 3H+ = Al+3 + 3H2O  
        log_k           8.11 
        delta_h -22.8 kcal 
CO2(g)     
        CO2 = CO2                                                                    
        log_k           -1.468 
#        delta_h -4.776 kcal 
        -analytical     108.3865      0.01985076   -6919.53      -
40.45154      669365.0 
 
O2(g) 
        O2 = O2                                                                   
        log_k           -2.892 
        -analytical -7.5001e+000 7.8981e-003 0.0000e+000 0.0000e+000 
2.0027e+005 
 
Fix_H+ 
 H+ = H+ 
 log_k  0.0 
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NaNO3 
 NaNO3 = Na+ + NO3- 
 log_K -20 
 
SURFACE_SPECIES 
#   Hydrous ferric oxide Hfo surface data 
# 
#   strong binding site--Hfo_s 
 
        Hfo_sOH = Hfo_sOH 
        log_k  0.0 
 
        Hfo_sOH  + H+ = Hfo_sOH2+ 
        log_k  7.29    # Dzombak & Morel (1990), table 5.7, -pKa1,int 
 
        Hfo_sOH = Hfo_sO- + H+ 
        log_k  -8.93   # Dzombak & Morel (1990), table 5.7, -pKa2,int 
 
#   weak binding site--Hfo_w 
 
        Hfo_wOH = Hfo_wOH 
        log_k  0.0 
 
        Hfo_wOH  + H+ = Hfo_wOH2+ 
        log_k  7.29    # Dzombak & Morel (1990), table 5.7, -pKa1,int 
 
        Hfo_wOH = Hfo_wO- + H+ 
        log_k  -8.93   # Dzombak & Morel (1990), table 5.7, -pKa2,int 
 
#   Zinc 
        Hfo_sOH + Zn+2 = Hfo_sOZn+ + H+ 
        log_k  0.99    # Dzombak & Morel (1990) tables 10.2 or 10.5  
 
        Hfo_wOH + Zn+2 = Hfo_wOZn+ + H+ 
        log_k   -1.99  # Dzombak & Morel (1990) tables 10.2 or 10.5 of  
 
#  Aluminum  
        Hfo_sOH + Al+3 + H2O = Hfo_sOAlOH+ + 2H+ 
         log_k  1.0  #Estimation 
 
        Hfo_wOH + Al+3 + H2O = Hfo_wOAlOH+ + 2H+    
        log_k  -2.1  #Estimation  
 
#Hydrous Aluminum Oxide  Hao 
        Hao_OH = Hao_OH 
        log_k   0.0 #Karamalidis and Dzombak 2010 
 
        Hao_OH  + H+ = Hao_OH2+ 
        log_k   7.17 #Karamalidis and Dzombak 2010 
 
        Hao_OH = Hao_O- + H+ 
        log_k  -11.18 #Karamalidis and Dzombak 2010 
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        Hao_OH + Zn+2 = Hao_OZn+ + H+ 
        log_k   -0.96 #Karamalidis and Dzombak 2010 
 
END 
 
 
## User print loop retains the starting Fe_di for later computation of 
cumulative Fe_di oxidized (Fe_tri solid) 
USER_PRINT 
10 PUT(TOT("Fe_di"), 1) 
 
## Starting solution composition specified below 
SOLUTION 1   OakHill_20130614 # Starting solution subjected to aeration 
and H2O2 treatments 
#flow rate 8.4 cfs 
 redox pe 
 units mg/L 
 density 1.0 
 water       1.0 
 temp       15.1 
 O(0)       2.0 
 pE      6.6 
 pH      6.4 
 Alkalinity 150 
 S(6)       400 #charge 
 Cl      7.9 
 Si      4.8 
 Ca      79 
 Mg      64 
 Na      50 
 K      1.6 
 Mn      5.4 
 Al      0.047 
 Fe_di    19.7 
      Zn         .055 
    -water        1 # kg 
 
END 
USER_PRINT 
10 END 
END 
 
USE SOLUTION 1 
EQUILIBRIUM_PHASES 1 
## Remove comment from line below for O2(g) to get instantaneous 
saturation with O2 instead of progressive ingassing 
#    O2(g)           -0.678 # Po2 = 0.21 atm; logPo2 = -0.678 
#     CO2(g)  -1.2  10   
     Fe(OH)3(a) 0 0 
#    Fe(OH)3(a) 0 1e-008 
#    Goethite 0 1e-008 
     Al(OH)3(a) 0 0 
# Kaolinite 0 0 
#    Boehmite 0 0 
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#    Gibbsite 0 0 
#    Basaluminite 0 0 
## Choose one line below to specify SI value at which calcite 
precipitates 
## If none is selected, calcite will not be permitted to precipitate 
#        Calcite 0 0 #precipitates if SI >= 0.0 
#        Calcite 0.1 0 #precipitates if SI >= 0.1 
#        Calcite 0.2 0 #precipitates if SI >= 0.2 
         Calcite 0.3 0 #precipitates if SI >= 0.3 
 
 
RATES  
 
## Ingassing of O2 
O2(g)  
-start 
1  REM Estimated PO2 data for aeration experiments.  
2  TK1 = 20 + 273.15 # relative to 20C reference condition of Stumm & 
Lee (1961), Stumm & Morgan (1996)3 TK2 = temperature + 273.15 # field 
temperature 
3  TK2 = TC + 273.15 # field temperature in kelvins 
 
## analytic expression for log_ko2 
10  log_ko2 = -7.5001+(0.0078981*(TK2))+(200270/((TK2)^2)) 
 
## First order model dC/dt = -kLa·(C-Cs) where C=[O2].  
## Ingassing results only if Cs > Co. 
20  Cso = 10^(-0.678 + log_ko2) # Steady-state saturation level 
[Po2(atm) x Kho2] at temp 15.1 
 
## Need to activate one line 30 for O2 ingassing rate constant ko for 
Aer1, Aer2, Aer3, WB2-WB3, or use another value 
30  ko = 0.00118 # Aer3 Cso = 10^-0.678; aeration rate 25.0 ml/s; kLa = 
0.065/min = 0.00109/s 
#30  ko = 0.00070 # Aer2 Cso = 10^-0.678; aeration rate 16.8 ml/s; kLa 
= 0.034/min = 0.00057/s 
#30  ko = 0.00023 # Aer1 Cso = 10^-0.678; aeration rate 12.6 ml/s; kLa 
= 0.013/min = 0.00021/s 
#30  ko = 0.00030 # WB2-WB3 Cso = 10^-0.678; kLa = 0.018/min = 
0.00030/s 
 
50  do2dt = -ko * (MOL("O2") - Cso) 
60  moles = do2dt * TIME 
100 save moles  
-end  
 
# Outgassing of CO2 
CO2(g)  
-start  
1  REM Estimated PCO2 data for Oak Hill aeration experiments and West 
Branch 
2  TK1 = 20 + 273.15 # relative to 20C reference condition of Stumm & 
Lee (1961), Stumm & Morgan (1996)3 TK2 = temperature + 273.15 # field 
temperature 
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3  TK2 = TC + 273.15 # field temperature in kelvins 
 
## analytic expression for log_kco2 
10  log_kco2 = 108.3865+(0.01985076*(TK2))-(6919.53/(TK2))-
(40.45154*LOG10(TK2))+(669365/((TK2)^2)) 
 
15  rem First-order asymptotic model for dC/dt = -kLa·(C-Cs) where 
C=[CO2] 
## Outgassing results only if Cs < Co. 
 
20  Cs = 10^(-3.4 + log_kco2) # Steady-state saturation level  
[Pco2(atm) x Khco2] for Aer1, Aer2, Aer3 at temp 15.1 
 
## Need to choose one of the CO2 outgassing rate constants kc1 for 
Aer1, Aer2, Aer3, WB2-WB3, PKN+OAK 
30  kc1 = 0.00055 # Aer3 Alk = 150, Co = 10^-1.17, Cs = 10^-3.4; 
aeration rate 25.0 ml/s; kLa = 0.033/min = 0.00055/s 
#30  kc1 = 0.00022 # Aer2 Alk = 150, Co = 10^-1.17, Cs = 10^-3.4; 
aeration rate 16.8 ml/s; kLa = 0.013/min = 0.00022/s 
#30  kc1 = 0.00013 # Aer1 Alk = 150, Co = 10^-1.17, Cs = 10^-3.4; 
aeration rate 12.6 ml/s; kLa = 0.006/min = 0.00010/s 
#30  kc1 = 0.00017 # WB2-WB3 Alk = 58, Co = 10^-1.20, Cs = 10^-3.4; kLa 
= 0.010/min = 0.00017/s 
## For [CO2] model, the temperature adjusted Henry's Law constant is 
automatically applied to compute d[CO2] 
50  dco2dt = -kc1 * (MOL("CO2") - Cs) 
 
60  moles = dco2dt * TIME 
100  save moles  
-end  
 
## Oxidation of FeII using homogeneous rate model or combined 
homogeneous and heterogeneous models 
Fe_di_ox 
-start 
1  rem corrects field rate relative to lab rate using Arrhenius 
Equation (kTK2=kTK1/exp(Ea/R*(1/TK2-1/TK1)) 
2  TK1 = 20 + 273.15 # relative to 20C reference condition of Stumm & 
Lee (1961), Stumm & Morgan (1996) 
2  TK1 = 20 + 273.15 # relative to 20C reference condition of Stumm & 
Lee (1961), Stumm & Morgan (1996)3 TK2 = temperature + 273.15 # field 
temperature 
3  TK2 = TC + 273.15 # field temperature in kelvins 
4  R = 8.314 # ideal gas constant joules/mol/K  
5  k1Ea =96232  # joules = 23000cal*4.184; Ea from Stumm & Morgan 
(1996, p 684). 
6  k2Ea =179000  # joules; Ea from Dempsey et al. (2001, citing Sung & 
Morgan (1980)) 
## analytic expression for log_ko2 
7  log_ko2 = -7.5001+(0.0078981*(TK2))+(200270/((TK2)^2)) 
## analytic expression for log_kw 
9  log_kw = -283.971-
(0.05069842*(TK2))+(13323/(TK2))+(102.24447*LOG10(TK2))-
(1119669/((TK2)^2)) 
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10  Fe_di = TOT("Fe_di") 
20  if (Fe_di <= 0) then goto 200 
30  p_o2 = 10^(SI("O2(g)")) 
40  O2 = 10^(SI("O2(g)")) * 10^(log_ko2) 
 
## Need to activate only one set of consecutive line numbers 45 to 130 
 
45  rem  Abiotic model homogeneous (k1) + heterogeneous (k2) using [O2] 
and {H+}  
50  k1ho = 1.33e12 *(10^(2*log_kw)/10^log_ko2) # k1 value from Stumm & 
Lee (1961) expressed as {H+} [O2] 
55  k1TK2 = k1ho / exp(k1Ea / R * (1/TK2 - 1/TK1)) 
 
## In lines 60 and 90, values of factor1 and factor2 are chosen to 
multiply by k1 and k2; 
## factor1 must be > 0. factor2 >= 0.0; 0.0 is homogeneous model.   
 
60  factor1 = 1.0 # change multiplication factor to estimate empirical 
rate constant k1* at sample temperature 
70  k1emp = k1TK2 * factor1 # estimated homogeneous rate constant k1* 
at sample temperature 
80  k2 = 2.6e-8 # Value in l/mg/s from Tamura & Nagayama (1976) and 
Sung & Morgan (1980) 
85  k2TK2 = k2 / exp(k2Ea / R * (1/TK2 - 1/TK1)) 
 
90  factor2 = 0.0 # change multiplication factor to estimate empirical 
rate constant k2* at sample temperature 
100 k2emp = k2TK2 * factor2 # estimated heterogeneous rate constant k2* 
at sample temperature 
110 FeIII = (GET(1)-TOT("Fe_di"))*55847 # mass of FeIII in mg produced 
by FeII oxidation. 
 
120 factorFe3 = 1.0 # 1.0 is default for FeIII = cumulative FeII 
oxidized. FactorFe3 > 1 for activated sludge recirculation.  
130 moles = (k1emp + k2emp*factorFe3*FeIII*(ACT("H+")))* (O2 
/(ACT("H+"))^2) * Fe_di * TIME 
 
200 SAVE moles 
-end 
 
INCREMENTAL_REACTIONS true 
 
KINETICS 1 
-steps 1000*28  
 
 
O2(g)  
    -formula  O2(g) 1  
    -m        1 
    -m0       1 
    -tol      1e-008 
CO2(g) 
    -formula  CO2(g)  1 
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    -m        1 
    -m0       1 
    -tol      1e-008 
Fe_di_ox 
    -formula  Fe(OH)3(a)  1 Fe_di  -1 Fe_tri 
    -m        0.030304 
    -m0       0.030304 
    -tol      1e-008 
 
SURFACE 1 
    Hfo_sOH Fe(OH)3(a)     equilibrium_phase 0.005  53300 
    Hfo_wOH Fe(OH)3(a)     equilibrium_phase .2 
    Hao_OH   Al(OH)3(a)    equilibrium_phase 0.033  2495 
#    Hao_OH   Kaolinite      equilibrium_phase 0.033  2495 
#   Hao_OH   Boehmite      equilibrium_phase 0.033  2495 
    -donnan 1e-008 
 
 
USER_PUNCH 
 -headings Zn_ug  Fe(2)mg  Al_ug  pH  ALK_mg Ca_mg  HCO3_mg  CO3-2_mg 
CO2_mg  si_co2  si_Al(OH)3(a)  si_Fe(OH)3(a) FeIII_mg  si_calcite  
Hours  si_o2  
10 PUNCH SIM_TIME 
10 PUNCH TOT("Zn")*65380000 #micrograms 
20 PUNCH TOT("Fe_di")*55847 
30 PUNCH TOT("Al")*26982000 #micrograms 
40 PUNCH -LA("H+") 
50 PUNCH ALK*1000*50 
60 PUNCH TOT("Ca")*40080 
70 PUNCH MOL("HCO3-")*1000*61 
80 PUNCH MOL("CO3-2")*1000*60 
90 PUNCH TOT("C(4)")*1000*44 
100 PUNCH SI("CO2(g)") 
110 PUNCH SI("Al(OH)3(a)") 
120 PUNCH SI("Fe(OH)3(a)")   
130 PUNCH (GET(1)-TOT("Fe_di"))*55847 
140 PUNCH SI("Calcite") 
150 PUNCH SIM_TIME/60/60 
170 PUNCH SI("O2(g)") 
 
 
USER_GRAPH 1 
-headings _time_ Fe(3) Fe(2) pH pCO2 pO2  
-chart_title "Oxidation of Ferrous Iron" 
-axis_titles "Time, in hours" "Milligrams per kilogram water" "pH, 
pCO2, pO2" 
-start 
110 GRAPH_X TOTAL_TIME / 3600  
120 GRAPH_Y TOT("Fe_tri")*55847, TOT("Fe_di")*55847  
140 GRAPH_SY -LA("H+"), -SI("CO2(g)"), -SI("O2(g)")  
-end 
 
USER_GRAPH 2 
-headings _time_ Zn_sorb+solute Zn_solute Zn_HFO Zn_HAO pH  
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-chart_title "Adsorption of Zn by HFO & HAO" 
-axis_titles "Time, in hours" "Moles per kilogram water" "pH" 
-axis_scale secondary_y_axis 6.0 9.0 1.0 0.5 
-start 
210 GRAPH_X TOTAL_TIME / 3600  
220 GRAPH_Y 
(TOT("Zn")+MOL("Hfo_wOZn+")+MOL("Hfo_sOZn+")+MOL("Hao_OZn+")), 
TOT("Zn"),(MOL("Hfo_wOZn+")+MOL("Hfo_sOZn+")), MOL("Hao_OZn+"),  
230 GRAPH_SY -LA("H+") 
-end 
 
USER_GRAPH 3 
-headings _time_ Al_sorb+solute Al_solute Al_HFO pH  
-chart_title "Adsorption of Al by HFO (Guess)" 
-axis_titles "Time, in hours" "Moles per kilogram water" "pH" 
-axis_scale secondary_y_axis 6.0 9.0 1.0 0.5 
-start 
310 GRAPH_X TOTAL_TIME / 3600  
320 GRAPH_Y (TOT("Al")+MOL("Hfo_wOAlOH+")+MOL("Hfo_sOAlOH+")), 
TOT("Al"),(MOL("Hfo_wOAlOH+")+MOL("Hfo_sOAlOH+")),  
330 GRAPH_SY -LA("H+") 
-end 
 
USER_GRAPH 4 
-headings pH Zn_sorb+solute Zn_solute Zn_HFO Zn_HAO #Charge_balance 
-chart_title "Adsorption of Zn by HFO & HAO" 
-axis_titles pH "Moles per kilogram water" #"Charge balance, in 
milliequivalents" 
-axis_scale x_axis 6.0 9.0 1 0.25 
-start 
410 GRAPH_X -LA("H+") 
420 GRAPH_Y 
(TOT("Zn")+MOL("Hfo_wOZn+")+MOL("Hfo_sOZn+")+MOL("Hao_OZn+")), 
TOT("Zn"),(MOL("Hfo_wOZn+")+MOL("Hfo_sOZn+")), MOL("Hao_OZn+")  
-end 
 
USER_GRAPH 5 
-headings pH Al_sorb+solute Al_solute Al_HFO si_Al(OH)3a si_gibbsite 
si_kaolinite 
-chart_title "PPT Al Solids or Adsorption of Al by HFO" 
-axis_titles pH "Moles per kilogram water" "Saturation Index" 
-axis_scale x_axis 6.0 9.0 1 0.25 
-start 
510 GRAPH_X -LA("H+") 
520 GRAPH_Y (TOT("Al")+MOL("Hfo_wOAlOH+")+MOL("Hfo_sOAlOH+")), 
TOT("Al"),(MOL("Hfo_wOAlOH+")+MOL("Hfo_sOAlOH+"))  
540 GRAPH_SY SI("Al(OH)3(a)"), SI("Gibbsite"), SI("Kaolinite")  
-end 
 
END 
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Chapter 3 Ancillary Data 
 
Table 25 Aeration treatment dissolved cations (μg/L) part 1 
Time 
(hours) 
Li 
(μg/L) 
Na 
(μg/L) 
Mg 
(μg/L) 
Al 
(μg/L) 
Si 
(μg/L) 
K 
(μg/L) 
Ca 
(μg/L) 
Mn 
(μg/L) 
0 55 32000 56000 37 5800 1700 92000 3400 
0.25 50 32000 57000 29 5400 1600 96000 3300 
0.5 50 33000 57000 32 5600 1700 93000 3300 
1 52 33000 57000 12 5700 1800 94000 3300 
1.5 56 35000 58000 6.1 5400 1700 98000 3300 
2 55 34000 56000 2.5 5300 1700 91000 3200 
2.5 55 33000 56000 1.8 5000 1600 91000 3200 
3 52 32000 55000 4.6 5000 1800 90000 3400 
3.5 55 33000 56000 2.3 4900 1800 93000 3400 
4 54 32000 57000 2.9 4900 1700 92000 3400 
4.5 52 35000 57000 4.3 4700 1700 100000 3300 
5.5 56 33000 57000 7.1 4600 1600 96000 3300 
7.5 51 34000 57000 9.3 4500 1600 99000 3300 
11.5 57 34000 57000 13 4800 1800 92000 3300 
21.5 54 33000 58000 15 4900 1800 95000 3300 
29.5 54 32000 56000 12 4400 1700 90000 3200 
37.5 55 33000 56000 14 4500 1700 93000 3300 
45.5 57 33000 56000 12 4400 1600 93000 3200 
69.5 57 32000 57000 13 4700 1800 93000 3200 
93.5 58 34000 57000 14 4300 1700 95000 3300 
113.5 58 34000 58000 14 4400 1700 94000 3200 
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Table 26 Aeration treatment dissolved cations (μg/L) part 2 
Time  
(hours) 
Fe  
(μg/L) 
Co  
(μg/L) 
Ni  
(μg/L) 
Zn  
(μg/L) 
Sr  
(μg/L) 
Ba  
(μg/L) 
0 18000 27 31 2290 1000 19 
0.25 17800 26 31 2290 1000 18 
0.5 17700 27 31 2300 1000 18 
1 17400 26 32 2170 1000 19 
1.5 15100 28 32 2180 1000 20 
2 10300 26 30 1770 980 17 
2.5 6120 26 30 1450 1000 18 
3 2000 26 30 1190 1000 17 
3.5 452 26 31 1030 1100 17 
4 83.4 26 30 862 1000 18 
4.5 35.4 25 29 713 1000 17 
5.5 79.1 26 28 583 1100 16 
7.5 101 24 27 371 1100 16 
11.5 40.7 24 29 239 1000 17 
21.5 23.3 22 26 188 1000 16 
29.5 14.4 22 26 193 1000 15 
37.5 18.4 23 26 197 1000 15 
45.5 11.4 23 25 196 1100 17 
69.5 10.6 22 26 184 1000 17 
93.5 13.7 22 25 184 1100 15 
113.5 11.7 21 25 173 1000 15 
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Table 27 H2O2 treatment dissolved cations (μg/L) part 1 
Time 
(hours) 
Li 
(μg/L) 
Na 
(μg/L) 
Mg 
(μg/L) 
Al 
(μg/L) 
Si 
(μg/L) 
K 
(μg/L) 
Ca 
(μg/L) 
Mn 
(μg/L) 
0 55 32000 56000 37 5800 1700 92000 3300 
0.25 58 34000 58000 5.5 5600 1700 94000 3400 
0.5 56 33000 59000 4.9 5300 1700 96000 3400 
1 56 34000 58000 7.1 5200 1600 96000 3300 
1.5 58 34000 56000 10 5500 1700 95000 3400 
2 55 35000 58000 5.3 5100 1600 93000 3300 
2.5 58 34000 60000 2.9 5400 1700 93000 3500 
3 55 34000 57000 3.4 5500 1800 94000 3500 
3.5 58 34000 58000 3.4 5600 1800 93000 3700 
4 55 35000 57000 3.1 5500 1700 95000 3400 
4.5 59 35000 57000 3.1 5500 1700 95000 3500 
5.5 57 35000 56000 2.7 5300 1700 93000 3500 
7.5 56 36000 59000 3.6 5500 1800 96000 3500 
11.5 60 34000 57000 2.5 5300 1600 93000 3400 
21.5 55 34000 57000 2.4 5300 1700 89000 3500 
29.5 57 33000 58000 2.2 5000 1600 91000 3500 
37.5 57 34000 60000 2.2 5200 1700 93000 3500 
45.5 59 34000 59000 1.4 5000 1600 93000 3500 
69.5 58 34000 60000 1.3 5000 1700 90000 3400 
93.5 60 35000 60000 1.8 4900 1600 95000 3400 
113.5 59 34000 60000 2.5 5000 1700 93000 3500 
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Table 28 H2O2 treatment dissolved cations (μg/L) part 2 
Time  
(hours) 
Fe  
(μg/L) 
Co  
(μg/L) 
Ni  
(μg/L) 
Zn  
(μg/L) 
Sr  
(μg/L) 
Ba  
(μg/L) 
0 18000 27 31 2290 1000 19 
0.25 465 28 33 2190 1000 19 
0.5 530 28 32 2330 1100 20 
1 643 27 33 2240 1100 18 
1.5 985 28 33 2230 1100 19 
2 554 27 32 2180 1000 18 
2.5 129 28 33 2310 1100 19 
3 144 29 33 2310 1100 19 
3.5 87.6 30 35 2440 1200 20 
4 86.1 28 34 2210 1100 18 
4.5 52.4 29 34 2460 1100 20 
5.5 76.1 29 34 2390 1100 20 
7.5 111 29 35 2290 1100 18 
11.5 23.2 28 33 2300 1100 19 
21.5 16.5 28 33 2190 1100 18 
29.5 14.5 28 31 2190 1100 18 
37.5 14.6 29 33 2320 1100 19 
45.5 16.9 29 31 2310 1100 19 
69.5 17 28 32 2240 1100 20 
93.5 12.6 27 32 2140 1000 19 
113.5 13.4 28 32 2080 1100 19 
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Table 29 Control treatment dissolved cations (μg/L) part 1 
Time 
(hours) 
Li 
(μg/L) 
Na 
(μg/L) 
Mg 
(μg/L) 
Al 
(μg/L) 
Si 
(μg/L) 
K 
(μg/L) 
Ca 
(μg/L) 
Mn 
(μg/L) 
0 55 32000 56000 37 5800 1700 92000 3400 
0.25 53 35000 60000 29 5100 1500 93000 3400 
0.5 56 35000 59000 34 5600 1700 95000 3600 
1 57 34000 58000 25 5600 1700 89000 3500 
1.5 57 35000 59000 23 5600 1700 91000 3400 
2 54 34000 56000 24 5400 1600 87000 3300 
2.5 53 34000 57000 20 5400 1600 91000 3400 
3 54 34000 58000 17 5300 1600 90000 3400 
3.5 58 34000 58000 14 5200 1600 95000 3400 
4 56 35000 60000 13 5500 1700 91000 3500 
4.5 56 35000 59000 11 5500 1700 89000 3400 
5.5 52 35000 59000 9.6 5400 1700 91000 3500 
7.5 58 35000 60000 - 5600 1600 92000 3400 
11.5 57 36000 61000 6.3 5300 1600 93000 3300 
21.5 56 36000 58000 3.8 5100 1600 93000 3400 
29.5 59 36000 60000 2.7 5200 1600 93000 3300 
37.5 62 37000 61000 1.1 5000 1600 93000 3500 
45.5 56 38000 59000 1.6 5400 1700 90000 3700 
69.5 63 36000 60000 1.1 5200 1800 90000 3700 
93.5 57 36000 59000 1.3 4800 1700 90000 3300 
113.5 59 37000 61000 0.77 4800 1600 96000 3400 
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Table 30 Control treatment dissolved cations (μg/L) part 2 
Time  
(hours) 
Fe  
(μg/L) 
Co  
(μg/L) 
Ni  
(μg/L) 
Zn  
(μg/L) 
Sr  
(μg/L) 
Ba  
(μg/L) 
0 18000 27 31 2290 1000 19 
0.25 18400 28 32 2450 1100 20 
0.5 18000 29 35 2500 1100 20 
1 17400 28 33 2400 1100 19 
1.5 17700 28 34 2380 1000 20 
2 17200 28 32 2400 1000 19 
2.5 17100 27 32 2420 1100 21 
3 17000 27 33 2420 1100 19 
3.5 16900 29 33 2480 1100 21 
4 17200 28 33 2400 1100 21 
4.5 16700 27 32 2260 1100 19 
5.5 16000 28 33 2250 1100 19 
7.5 18300 29 33 2460 1100 20 
11.5 16100 28 33 2340 1000 20 
21.5 13900 28 33 2330 1100 21 
29.5 13300 28 33 2340 1100 21 
37.5 9100 29 34 2120 1100 20 
45.5 8390 30 36 2250 1200 19 
69.5 6380 31 35 2330 1200 21 
93.5 148 27 31 2010 1100 19 
113.5 13 29 33 2010 1100 21 
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Graduate Life Leadership Award, Lehigh Grad Life Office                                         2013 
Runner-up, Best Oral Presentation, Lehigh EES Graduate Student Symposium    2013 
Lehigh College of Arts and Sciences Fellowship                                                 2010-2011 
Lehigh Department of Earth and Environmental Sciences Kravis Fellowship    2008-2009 
 
SERVICE 
Dean’s Advisory Graduate Council            2014-2015 
Lehigh Graduate Student Senate  
President               2012-2014 
Secretary               2011-2012 
Department Representative            2009-2011 
 
MENTOR EXPERIENCE 
 Keith Heidecorn: Senior Thesis, 2011, The Importance of pH on the Oxidation of Iron 
in Settling Ponds Designed to Mitigate the Effects of Abandoned Mine Drainage 
(AMD) in Schuylkill County, PA 
 Elizabeth Marchese: Senior Thesis, 2012, Optimal Turbulence and Stream Velocity 
Leading to Faster Settling of Fe Flocculation 
 Joseph Solly: Undergraduate Research Project 2013, Variations in AMD Hydrology 
Over Time 
 Kayla Virgone: Senior Honors Thesis, 2013, Variations in AMD Geochemistry Over 
Time 
 
PUBLICATIONS 
Burrows, J.E., Cravotta III, C.A., Peters, S.C., Enhanced Zn and Al removal from coal-
mine drainage during rapid oxidation and precipitation of Fe oxides at near-neutral pH.  
In prep. 
 
Burrows, J.E., Peters, S.C., Cravotta III, C.A., 2015, Temporal geochemical variations in 
above- and below-drainage coal mine discharge. Appl. Geochem., In press. 
 
Burrows, J., Bodzin, A., Anastasio, D., Sahagian, D., Bressler, D., Cirruci, L., 
Rutzmoser, S. and Teletzke, A., 2013, Using web GIS to enhance tectonics learning and 
geospatial thinking. Sci. Scope, 37, 29-37. 
 
Burrows, J.E., and Peters, S.C., 2013, Metal mobility due to storm events on an impacted 
hillslope in Palmerton, PA. Appl. Geochem., 31, 52-59. 
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TALKS 
Burrows, J.E., Cravotta III, C.A., Peters, S.C., March 2014, Enhanced Zn removal from 
AMD by rapid oxidation and precipitation of Fe oxides at near neutral pH. Talk, GSA 
Northeastern, Lancaster, PA. 
 
Burrows, J.E., Peters, S.C., Cravotta III, C.A., August 2013, Geochemical variations in 
above- and below-drainage coal mine discharges (1975 TO 2012).  Talk, Pennsylvania 
Abandoned Mine Reclamation Conference, State College, PA. 
 
Burrows, J.E., Peters, S.C., February, 2013, Geochemical and Hydrologic Controls on 
Mine Drainage: Anthracite Coal Fields, PA, 1975-2012. Talk, Lehigh EES Graduate 
Student Symposium, Bethlehem, PA.  
 
Burrows, J.E., Bodzin, A., Anastasio, D., Sahagian, D., Rutzmoser, S., Bressler, D., 
Cirucci, L., and Teletzke, A., November, 2012, Using Web GIS to enhance tectonics 
learning and geospatial thinking, Talk, GSA Annual Meeting, Charlotte, NC. 
 
Burrows, J.E., Peters, S.C., September 2010, Assessment of Natural Attenuation of As, 
Cd, Pb, and Zn using Hydrograph Separation. Invited Speaker, Rensselaer Polytechnic 
Institute Dept. of Earth and Env. Sci., Troy, NY. 
 
POSTERS 
Burrows, J.E., Peters, S.C., February 2015, Metals removal and stability as a function of 
coal mine drainage treatment method. Poster, Lehigh EES Graduate Student Symposium, 
Bethlehem, PA. 
 
Burrows, J.E., Peters, S.C., Cravotta III, C.A., February 2014, Enhanced Zn removal 
from AMD by rapid oxidation and precipitation of Fe oxides at near neutral pH.  Poster, 
Lehigh EES Graduate Student Symposium, Bethlehem, PA. 
 
Burrows, J.E., Peters, S.C., Cravotta III, C.A., November 2013, Geochemical variations 
in above- and below-drainage coal mine discharges (1975 TO 2012).  Poster, GSA, 
Denver, CO. 
 
Bodzin, A., Telezke, A., Cirucci, L., Bressler, D., Anastasio, D., Sahagian, D., 
Rutzmoser, S., and Burrows, J., January, 2013, Using Web GIS to support the teaching 
and learning of tectonics. Experiential session to be presented at the 2013 Association for 
Science Teacher Education (ASTE) Annual Meeting in Charleston, SC. 
 
Anastasio, D., Sahagian, D., Bodzin, A., Telezke, A., Rutzmoser, S., Cirucci, L., 
Bressler, D and Burrows, J., December, 2012, Teaching and learning tectonics with Web 
GIS. Poster, AGU Annual Meeting, San Francisco, CA. 
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Burrows, J.E., Peters, S.C., November 2012, A Re-evaluation of Controlling Factors of 
Pennsylvania’s Coal Mine Discharge Geochemistry. Poster, GSA Annual Meeting, 
Charlotte, NC.   
 
Virgone, K.M., Solly, J.A., Burrows, J.E., Peters, S.C., November 2012, Reassessing 
Pennsylvania abandoned coal mine discharges. Poster, GSA Annual Meeting, Charlotte, 
NC.   
 
Burrows, J.E., Peters, S.C., February 2012, Geochemical and geomorphic factors 
controlling Fe in surface water, Poster, Lehigh EES Graduate Student Symposium, 
Bethlehem, PA. 
 
Burrows, J.E., Peters, S.C., February 2011, In-Stream geochemical and hydrologic 
controls on natural attenuation of acid mine drainage. Poster, Lehigh University 
Department of Earth and Environmental Sciences Graduate Symposium, Bethlehem, PA. 
 
Burrows, J.E., Peters, S.C., December 2010, Hydrologic perturbation as an indicator of 
metal attenuation. Poster, AGU Fall Meeting, San Francisco, CA.   
 
Burrows, J.E., Peters, S.C., February 2010, Assessment of natural attenuation of arsenic, 
cadmium, lead, and zinc using hydrograph separation. Poster, Lehigh University 
Department of Earth and Environmental Sciences Graduate Symposium, Bethlehem, PA. 
 
Burrows, J.E., Peters, S.C., December 2009, Assessment of natural attenuation of arsenic, 
cadmium, lead, and zinc using hydrograph separation. Poster, AGU Fall Meeting, San 
Francisco, CA.   
 
Sahagian, D.L., Peters, S.C., Yasko, G., Blake, J., Lofaro, J., Smith, K., and Burrows, 
J.E., December 2009, Metals remaining in soils surrounding Palmerton, PA from 20th 
century zinc smelting. Poster, AGU Fall Meeting, San Francisco, CA. 
 
Burrows, J.E., Peters, S.C., May 2009, Assessment of natural attenuation of arsenic, 
cadmium, lead, and zinc using hydrograph separation. Poster, Lehigh Gap Round Table 
Discussion, Bethlehem, PA. 
 
Burrows, J.E., Peters, S.C., February 2009, Assessment of natural attenuation of arsenic, 
cadmium, lead, and zinc using hydrograph separation. Poster, Lehigh University 
Department of Earth and Environmental Sciences Graduate Symposium, Bethlehem, PA. 
 
